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A wide variety of physicochemical evidence suggests that copper(II) aoetate
and its higher homologues exist as diners in the crystalline state, in certain
organic solvents, and possibly even in aqueous solution, A precise equilibrium
study has been made of copper(II) fornate, acetate, propionate, and n-butyrate in
order to establish which species exist in aqueous solution. Competition between
protons and Cu(II) ions for the carboxylate anions was followed at 25,00 + 0,05°C,
in 3.00M sodium percnlorate with a glass electrode, and hydrogen ion concentrations
were measured with a precision of +0.003 |)H unit.
Before making the above investigation, it was necessary to study the analogous
proton-carboxylate equilibria. The j>H of carboxylase buffers in the constant ionic
medium appears to be a funotion of their concentration. The formation of mono-
merio monocarboxylic acids HA predominates at carboxylate concentrations less than
5 x 10""%. At higher concentrations up to 1M appreciable concentrations of the
proton bis (monocarboxylato)- species HAg and the diners exist. The species
HgAj and H3A3 have been identified in propionic and n-butyric buffers. All these
species have been characterised by their formation constants. The species are
the
assumed to associate by hydrogen bonding and the diners appear to exist in/extended
rather than the cyclic form. Further evidenoe for the extended form of the dimer
has been deduced from caloriaetric measurements of the heat changes on association
in the acetate system.
For Cu(II) concentrations between 10~2 and 10"%, and free formate or acetate
concentrations up to about 0.6M, neither polynuclear Cu(lX) complexes nor mono¬
nuclear complexes of the anion Ibbp were detectable. The experimental results are
explicable in terms of the step-wise equilibria,
Cu 2+ ♦ nA ~ ^ CuAn (2"n)+ wftere n 4 3 (1)
Use other side if necessary.
In the propionate system the same species exist together with the dimer C^A^.
No polynuclear species are detectable in the butyrate system before precipitation
ooours. The oadaium(ll) acetate system has also been investigatedj an earlier
report of dioers in the literature cannot be substantiated.
The acetic aoid and copper(ll) acetate systems have also been studied in a
50;» v/v dioxar/0.6M sodium perchlorate medium. In addition to the proton-oarboxyl-
ate complexes found in aqueous solution, H2Aj, HjAj, HjA^,and exist in acetio
acid in this medium up to an acetate concentration of 0.5M. The formation con¬
stants have been obtained. In the oopper(ll) acetate system the experimental data
indicate that polynuclear, mixed, and hydroxo complexes may exist. The stability
constants of the mononuclear species CuA and CtOH have been evaluated: unfortunately,
the equilibria in this system are so complicated that the evaluation of further
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SYMBOLS
A Total carboxylate concentration
Total earboxylato concentration in the mononuclear species
a Free ligand concentration
B Total metal ion concentration
b Free siotal ion concentration
Cjj Concentration of alkali used in potentioraetric acid-base titration
Cg Concentration of acid used in potentiomotric acid-baae titration
c| Concentration of perchloric acid present in a metal-carboxylate
solution
Cjj£ Concentration of carboxylic acid in titration vessel
CHC10 Concentration of perchloric acid solutionA
C,^ Concentration of sodium carbaxylate in titration vessel
I), L Factors in variation of Henderson^ equation
E Measured potential in mV
Ej Liquid junction potential
Eq Standard potential of glass electrode with reference to the
reference silver electrode
F Faraday
g, Pt v Parameters
H Total hydrogen ion concentration
h Free hydrogen ion concentration
h,. Free hydrogen ion concentration at the isohydric point
I Ionic strength
J Exchange energy associated with 8-bond
K Ratio connecting the association constants of complexes
£a Acid dissociation constant of HpAq
Kjj Dimorisation constant, Eq. (1-10)
Stepwise stoichiometric stability constant
Kpq Stepwise formation constant for proton-carboylato systems
&P Trimerisation constant, Eq. (1-11),
Ky Ionic product of water
M Mole.l"1
N Maximum number of ligands
n Number of ligands
n Degree of formation of a system
BC Value of Tin at the isohydric point
Hjl Degree of formation of a proton-carboxylate system
^11 (X) Average number of protons per carboxylate in the mononuclear
species
Ppoiy Average number of protons per carboxylate group
^poly Average number of carboxylate groups
R Ratio to be determined
? Reciprocal of the average degree of condensation of A
*%pAc Solubility product of B^A,,
Vj, Volume of acid
Vg Volume of alkali
V^ Initial volume of titration solution
V-, Total volume of titration solution
Z Average number of OH ions bound per copper atom
I , a f Normalised variables
ot^ Relative proportions of species BA^ in solution
oC Relative proportions of species IIpAq in solution
pq
Overall stability constant
Overall formation constant for protoi>-carboxylate systems
Activity coefficient of the hydrogen ion
AG Free energy change
AH Enthalpy change (stepwise)
Enthalpy change (overall)
ASpq Entropy change
The following sympols were used in the caloriraetrie work, Sec.A(h).
A Amperes
C Heat capacity of the calorimeter and its contents
C Average value of C
Molarity of the ionic or molecular species i
Molarity of complex, HpAq
Eg Potential difference recorded by the potentiometer during the
calibration
Bridge voltage
9 % at middle point of calibration
Iq Current through galvanometer branch of the Wheatstone bridge
L Excess enthalpy in cal. litre"*1 of solution
Excess enthalpy of titrant in cal. litre"1
1A Relative partial molar enthalpy of A in cal. mole""*
1^ Relative partial molar enthalpy of any ionic or molecular
species, i
Position of the galvanometer light spot on the linear scale
Average value of the thermostat temperature expressed as a
reading on the linear scale
Temperature of calorimeter solution just before an addition
nas made , expressed as a reading on the linear scale
Humbar of moles of any ionic or molecular species, i
Amount of heat evolved or absorbed due to the addition of one
solution to another
Constant resistances of the Wheatstone bridge
Constant resistance temporarily replacing the thermometer
resistance,
Adjustable resistance kept constant during titrations
Internal resistance of the mirror galvanometer
Variable thermometer resistance
Error function, defined in Eq. (V39)
"Student" factor, used in error calculations
Position of galvanometer light-spot corrected to circular scale
Value of jx for 1^ = 0
Time (in sec) of calibration
Ohms
A wide variety of physicochemieal evidence suggests that copper(II)
acetate and its higher homologues exist as dimers in the crystalline state, in
certain organic solvents, and possibly even in aqueous solution. A precise
equilibrium study has been made of copper(ll) formate, acetate, propionate, and
n-butyrate in order to establish which species exist in aqueous solution. Com¬
petition between protons and Cu(ll) ions for the carboxylate anions was followed
at 25.00 _+ 0.05°C. in 3.00M sodium perchlorate with a glass electrode, and
hydrogen ion concentrations were measured with a precision of + 0.003 unit.
Before making the above investigation, it was necessary to study the
analogous proton-carboxylate equilibria. The jgH of carbbxylate buffers in
the constant ionic medium appears to be a function of their concentration. The
formation of monomeric monooarboxylic acids HA predominates at carboxylate con-
centrations less than 5 x 10 M. at higher concentrations up to 1M appreciable
concentrations of the proton bis(monocarboxylato)- species HA2 and the dimers
H2A2 exist. The species H2Aj and have been identified in propionic and
n-butyric buffers. all these species have been characterised by their forma¬
tion constants. The species are assumed to associate by hydrogen bonding
the
and the diiaers appear to exist in/extended rather than the cyclic form. Further
evidence for the extended form of the dimer has been deduced from calorimetric
measurements of the heat changes on association in the acetate system.
For Cu(II) concentrations between 10~2 and and free formate or
acetate concentrations up to about 0.6M, neither polynuclear Cu(ll) complexes
noruncnonuclear complexes of the anion HA2 were detectable. The experimental
results are explicable in terms of the step-wise equilibria,
Cu + + nA 5=^ CuAn^2~n)+ where 3 (1)
In the propionate system the same species exist together with the dimer
Cu2A^. No polynuolear species are detectable in the butyrate system before
precipitation ocours. The cadmium(H) acetate system has also been investi¬
gated; an earlier report of dimers in the literature cannot be substantiated.
The acetic acid and copper(ll) acetate systems have also been studied in
a 50> v/v dioxar/0.6M sodium perchlorate medium. In addition to the proton-
carboxylate complexes found in aqueous solution, H^A^, and
exist in acetic acid in this medium up to an acetate concentration of 0.5M.
The formation oonstants have been obtained. In the copper(II) acetate
system the experimental data indicate that polynuclear, mixed, and hydroxo
complexes may exist. The stability constants of the mononuclear species
CuA and GuDH have been evaluated: unfortunately, the equilibria in this
system are so complicated that the evaluation of further formation constants




1 (a) MSTaL COMPLEXES AND STABILITY CGNST.uYTS.
A complex may be defined as a species wnich is formed by the
association of two or more simpler species. There are limitations
to this definition but generally it is quite adequate. In ld»4
(ktl&berg and Waage^ postulated the law of mass action whioh states
that in a homogeneous system, the rate of chemical reaction is pro¬
portional to the active masses of the reacting substances. Since then
the quantitative study of chemical equilibria has been based on this la®.
Morse*? and bherrill-^, two of Abegg* s co-workers, were the first to
show that stepwise formation of complexes occurred. They did this only
a year or so after Sodlander and his co-workers^" had reported the first
stability constants of metal complexes. Bodlander also pioneered the
use of the ionic medium (see Sec. 3 (o))» first reported in 1905 i& a
paper by G-rossmann^,
Niels Bjerrua also was studying metal complexes at this time and he
was able to obtain the formation constants for six consecutive complexes
in the system chromium (III) thiocyanate®'^. This work paved the way
for the present analysis of systems in which several species coexist.
Between 1920 and 1943 there was a lull in activity in the field of metal
complexes until in 1941 Jannik Bjerrum0 and Leaerk described methods
for computing step stability constants. Since 1941 there has been a
renewal of interest in metal complexes and stability gonstaatS so that
today an increasing number of workers is engaged in their study.
(2)
1(b) KIsVSmSIBLS ST5P EQUILIBRIA
The present methods for determining the stability constants of
complexes owe much to the early work of the Sjerruas. The
formation of metal complexes in solution may be discussed using J&nnik
Bjerrum's theory of step-wise equilibria*3.
Consider the equilibrium between a central metal ion B and n
ligands A. Complex formation is considered to take place by a series
of oonseoutive reactions, each involving two of the intermediate
speoies thus:
B + A .8..
BA + A ^ ®A-2 • • • • •
BAn_x + A BAn (1-1)
• •. • • SAj^_i + A BAjj
where K = maximum value of n. Charges are omitted for clarity.
The equilibrium constants for these consecutive reactions are
known as the step equilibrium constants of the system. The stoi¬
chiometric stability constant, for the speoies BAn is given by
Kn = [3An3/[BAn.l]a (1-2)
where a = concentration of free ligand.
The overall stability oonstant for the species BA^ or thermo¬
dynamic equilibrium constant for the reaction
B + nA BAn
is ^n and is given by
^ = [BAn]/ban (1-3)
where b = concentration of free central metal ion B.
Thus » Kq = 1, ^ = KX andjSn » i7TKri (l-3a)
(3)
The quantity n is called the degree of formation of the system
arid is defined as ths average number of ligands bound to one central
group. Thus, in the system outlined above where species BA, BA2 ••••
are fo rmed
n_- IBA];+ 2(BA2] .... +N[BAn]
n * — ______




Substituting from eq. (1-2)
^ - K]ba + 2K]K2ba .... +nKiK2 ... Kflba11
0 3 ; —
b + K-jba + K-^ba^ .... +^2... .Knba
• l*fan/Zfrn <^>
Aquation (1-5) is the formation function of the system and the plot
of n against -log a is called the formation curve. The values of the
stability constants can be calculated if the formation curve can be
obtained experimentally.
In systems containing protons and a ligand A, stepwise: formation
of complexes such as HA, HA2, H2A2»....HpAq, where p and q are integers,
may take place. stability constants may be obtained from measurements
of njjs the average: number of protons bound to each ligand. Now
% = H - h + Kwh 1 (1.6)
A
where H = total analytical concentration of hydrogen ions
h = concentration of free hydrogen ions
Kw= ionic product of water
A = total concentration of ligand A
(♦}
Thus '■
= [HA] + LHA2] + 2[H2A] P[HpAq]
a + [HA] + [H2A] + 2[HA2] ... Q[HpAq]
where P and Q are the maximum values of p and q respectively.
Then q=g
•'
j ~ 27 27 p[%>^q]
"H = P= q=
p=P q=g
X. X? qlHpAq]£3 qVl «




*-trp=i q=l ripq /~:.p5D qpl fpq
If data (a,H,h) are available it is convfcniett to plot curves n^( logh)A
i.e. to plot nft as a function of log h and aH points with the same
value of A by a separate curve.
(5)
1 (e) ASSOCIATION Or' GAHBOXYLIC ACIDS
It has been known for many years that carboxylic acids are associated
in the vapour phase and in soma organic solvents# The type of association
and the equilibrium between single and associated molecules have been
10
studied extensively and a review of the subject has been published •
Formic, acetic, propionic,and n-butyric acids have been studied in the
present investigation. Previous work on these acids is reviewed in this
section.
association in the Vapour Phase.
Bineau"'"1 appears to have been the first to investigate the vapour
phase association of a carboxylic acid. However, reliable data were
not obtained until the and of th8 nineteenth century when Ramsay and
1 2
Young showed that acetic acid was associated, Since then there have
been many investigations and some of the data obtainedffor the four acids
are summarised in Table 1-1. Vapour density and spectroscopic methods
have been used most. The temperature range is quoted and it can be seen
that this varies quite widely from investigation to investigation. The
range of pressure used also varies considerably but in all cases the
pressure is low enough for dimerisation to be the main reaction taking
place. The overall heats of association, -^P^of the dimor and of the
O
trimer are given. The change in the standard entropies<0Sn are given
also.
In Table 1-1 the abbreviations in the "method used" column are
AA. ! c Acoustic absorption uv Ultraviolet spectra
GAP Heat capacity VC Virial coefficient
IR Infrared spectra VD Vapour density

























































15 VD 110-215 16. (J31
16 PVTjBV 25-84 14.1
17 VD 10-156 14.1.
17.418 VD 25-80
19 IR 50-150 12.4*0.7
20 * VD 25 14.4C
21 VC 75-185 14.5
22 R 12.4
23 IR 13.9



















































































140-200 13.9 33 23
50-150 13.840.7
raole"! ole"! mole"!
TABLE 1-1D n-BI3TYRIG ACID
a Calculated by Gibbs^ and Rarasperger and Porter^"
b Calculated by Ramsperger and Porter^
c Calculated from measurements by Coolidge^
d Calculated by Fenton and Garner2^
e Calculated by Rakr and McEain2®
31
f The experimental data agree approximately with those of MacDougall
g The original value of 14.5^0.4 kcal.mole*"! and value of
27.042.4 kcal. mole"! were recalculated by Potter, Bender^and
Bitter^
h Calculated from measurements by Larab and Huddart^
j Calculated by Pioentel and McClellan^
k Acid used was HC00D
m Acid used was CH3COQD
n Acid used was CD3COOD
p Acid used was C2H5COQD
q. Acid used was C^ilyCOOD
(?)
Considerable evidence indicates that the configuration of the




ft = H or an alkyl group.
The hydrogen is not symmetrically placed between the oxygen atoms and the
c - 0 bonds are not all equal in length. M*om X-ray diffraction maasuro-
48
monto Pauling and Brockway calculated the 0 - h 0 distance in
formic acid to be 2.67 - 0.04a , while Karle and Brockway^ calculated
. °
2.73 • 0.05a t from electron diffraction measurements. Pauling and
Brockway concluded that the carboxyl C - 0 bonds are of equal length,
°
1.29 * 0.02a• However, Karle and Brockway found that they are of
+ ° + o
different lengths, 1.25 - 0.03a and 1.36 - 0.04a , and also that the
bond lengths in acetic acid are the sane as in formic acid except that the
o
0 - h ..... 0 distance is 2.76 ± 0.06a.
It can be seen from Table 1-1 that some workers have postulated
34
the formation of trimers or tetramers. Hitter and Bigsoas believed
that in acetic acid vapour a tetramer with^H^, =27 koal.mole is the
36
next higher species formed after the dimer. Johnson and Hash postulated
35
that a trimer is formed. Potter, Bender, and Hitter considered that
Hitter and Bimons erred in postulating a tetrvuner and recalculated the
latters results assuming that a trimer is formed.
However, other workers e.g. leltner^ consider that no species higher
than a dimer is formed and it has been pointed out^ that some of the
(8)
measurements were made at relatively high pressures and although
the higher polymers would be formed in greater proportion, deviations
from ideality would increase also# Hence, some doubt is cast on the
existence of the higher polymers in the vapour phase#
association in the Solid State.
An X-ray analysis of solid formic acid by Holtzberg, Post,and
Fankuchen-30 ohowed that the molecules in the crystal are arranged
in the form of infinite chains, each molecule being linked to two
neighbours by hydrogen bonds. The length of each hydrogen bond is
o 0
2.58 ± 0.03a 5 other bond lengths are C - 0 = 1.26 £0,03A and
G = 0 = 1.23 ± 0."?3A. The 0 - C = 0 angle is 123 ± 1° .
The chain like arrangement is in agreement with the measurements
of Johnson and Gole^ on the dielectric polarisation of solid and
liquid formic acid. Their results indicated that there must be a
significant contribution from polar configurations of molecules rather
than from a system composed entirely of non-polar diners.
The fcolecules in the crystal of acetic acid are also linked in
52
infinite chains by hydrogen bonds. Spectroscopic work by .iigaux
indicates that adetic acid forms polymers rather than dinars and Jones
and Templeton^ have studied the structure by X-ray crystallography.
This work shows the infinite chains with the length of the hydrogen
bond = 2.61 - 3.02 , the G - 3 bond = 1.24 - 3.02A and the C = 0 bond
=ol.29 - 0.02A, The 0 - C = 0 angle is 122 J 2°.
Association in the Liquid Phase and in oolution.
Becknann, Nertss^ Anwars, and lIendrix.son were the first to investi¬
gate the dimerisation of carboxylic acids in solution. In 1893
Sectarian*^* showed by an abullioscopic method that carboxylic acids
(9)
are dimerised in such solvents as benzene and chloroform. Soon
after, Nernst*^ and Hendrixaon^0 using distribution methods and
Auwers^ using a cryoscopic method confirmed this work.
In 1897 Beckmann^ studied acetic acid in benzehe cryo-
scopically and concluded that dimers are formed and in 19^5 Herz
eg
and Fischer » from partition measurements between water and various
organic solvents such as benzene, toluene, and 0-, m«, and p-xylane,
found that acetic acid is dimerised in the organic phase in all thsse
systems. Hantzsch^® studied formic acid and acetic acid in alcohol,
ether,and light petroleum. Waentig and Fescheck^x measured the
solubility of acetic acid in a variety of solvents and concluded that
the acid is monomeric in ether, ethyl alcohol,and benzaldehyda, and
dimeric in benzene, tolnene, carbon tetrachloride, nitrobenzene,and
chloroform. In 1926 Traut* and Moschel^ studied the four acids
in benzene and nitrobenzene sryosccuically and evaluated dimerisation
Constants in benzene. They postulated thattrimsrs of the acids are
formed in these solvents but they found that the trimerisation constants
increased with concentration.
Following this early work a considerable amount of attention has
been paid to the dimerisation of the acids in solution. The solvents
used mo3t have been benzene, carbon tetrachloride,and chloroform, and
among the methods used have been cryoscopy, ebullioacopy, dielectric
polarisation, specific heats, acoustic absorption, infrared and Raman spictra,




Infrared and Raman spectra measurements of the acid in oarbon
32 62
tetrachloride solution have been made by Badger and Bauer * ,
Kinsey and Ellis°^, Batuev^", Chulanovskil and Simova^, and Chapman^'0,atuev
and it appears that the monomer predominates at low concentrations} the
diner being formed only at higher concentrations. From an examination
of infrared spectra Chulanovskil and Simova postulated a new type of
vibration, possibly of the binding hydrogen atom perpendicular to the
plane of the dimer. This vibration, in the absence of an influence of
the oxygen atoms of the two molecules, may go over into free rotation
around the 0 - H axis.
The only measurements made in benzene solution have been of the
o 67
dielectric constant at 30 C. "by Pohl, Hobbs, and Gross , who found the
dimerisation constant log Kp = -2.1. This contrasts with the value
30
log Kp a -3.9 calculated by Trautz and Moschel . Pohl, Hobbs, and
Gross also measured the dimerisation constant in heptane solution and
68
found log Kp = -4.3. Wilson and Wenzke from dielectric constant
69
measurements and Batuev from Raman spectra have concluded that formic
acid is not dimerised in dioxan solution.
In the pure liquid, dimers or polymers appear to be formed. Huggins^
71
considers that Kumler'c work on the dielectric constant indicates that
chain polymerisation takes place thus
(11)
Evidence has also been cited from infrared spectra * and Raman
spectra-^ that the acid exists as long chain polymeric molecules ahd
not as monomer or dimer. Sound velocity and dipole moment raeasurements ^
indicate a mean degree of association of about 5«
Peddle and Turner^ were the first to report association of the acid
in aqueous solution. They found that association is slight though it
increases with increasing concentration. Hainan spectra showed^* that
in 10»15?S solutions of aqueous formic acid the dimers present in the pure
acid break up, though not completely. There have been two attempts
to evaluate the d insrisatiswi constant of formic acid in aqueous solution.
O
In each case a conductivity method at 25 G. was used. From measure¬
ments by Saxton and Darken^ , Katchalsky, Eisenberg^and Lifson^ cal-
77
culated log Kj) = -1.4-0 whilst Cartwright and Monk calculated log = -2.08.
■^gtic,
Since 1926 more attention has been paid to acetic acid than to the
other three acids. Acetic acid dinerise3 in solution in benzene, chloro-
no 79
form, carbon tetrachloride and in diethyl ether' , cyclohexahe , carbon
80 67 fli 3l
disulphide , heptane , chlorobenzene0 , nitrobenzene , iaopropyl
On 81 84. 85 . 86, 87
ether » aeetophenone , 111 diohloroethane , nitromethane ,
86 87
and acetonitrile ' . There are conflicting views about dimeriaation
78
in solvents such as ether, dioxan,and alcohols. drayth and Rogers and
and Feneant^t ^ consider that dimers exist in ether solution but Tokareva
and Kozlov®^ disagree. However, it is possible that the latter used
solutions in their distribution measurements which were too weak, the
maximum concentration being 10^ acid in the solvent whereas omyth and
68
Rogers surveyed the entire concentration range. .Vilson and u'enzke
and Batuev believe that dimers are not present in dioxan and other
(12)
88 89 90
workers * '* 7 postulate that instead there is some type of com¬
pound formed between the acid and the solvent. However, infrared^
86, 87, 92, 93
and daman spectra measurements indicate that dimers do
exist in dioxan solution.
While diners have been found to exist in several organic solvents,
there has been little support for the assertions of Herz and Lswy^
and Trautz aftd Moschel^ that higher species 3uch as trimer, tetramer,
and pentamar are formed. Meisenheimer and Dorner^ found that at high
concentration in benzene the degree of association rose to 2.15. From
cryoscopic measurements inbenzene Davies and Griffiths^ have postulated
that trimers or tetramers co-exist with the dimer. They believe the
trimer to be the more likely.
The solvents used most in the study of the dimerisation of acetio
acid have been benzene, carbon tetrachloride;and chloroform. It appears
that in the first two of these solvents diners are formed at low concentra¬
tions (<0.05 mole 1"J) In chloroform dimerisation occurs at slightly
higher concentrations.
Table 1-2 shows the dimerisation constant and heat and entropy of
dimerisation of acetic acid in various solvents. The solvents are listed
in order of increasing dielectric constant. The:temperature at which the
dielectric constant quoted was reasursd i3 added as a superscript. The
abbreviations used in Tables 1-2, 1-3^and 1-4 are
AA Acoustic absorption SMF Slectromotive force
BPS Boiling point elevation IR Infrared spectra
C Cryoscopy NMENuclear magnetic resonance
CN Conduction of electricity R Raman spectra
D Distribution or partition UA Ultrasonic absorption





The dimerisation constant, Kd, and the trirasrisation constant,
Kt, are given by
KD = M (1-10)
[HA]*
and KT = [Hyi^ (l-ll)
[ha.]3
The of the standard entropy change A^2 depend on the units
of Kjj from which it is calculated. In order to compare the standard
entropies in the gas phase with those in solution, it is necessary
o
that they relate to the same standard state. The values ofAS£ in
the gas phase (Table 1-1) have been calculated from values of in
atmospheres. Therefore, for the solution data it is necessary to add
-1 -1 o
about 11 cal. deg. mole to the values ofAS2 calculated from
10
values of Kj) in mole fraction units . This correction has been applied
to the values of AS° in Table 1-2.
In the first fiva columns only of Tables 1-2, 1-3,and 1-4, a blank
space means that the entry above is to be carried down.
(u)
TABLE 1-2.






















81 D 25 2.93
35 2.71
45 2.52
67 DC 30 4.57
84 MR 25 4.19
97 m 99x189
80 D 25 2.21a




100 IR 25 3.6O+(
101 IR 25 3.38"
102 IR 18•K*\
84 MR 25 3.59







103 D 25 2.70
81 D 25 2.11
35 1.91
45 1.74




104 BPE 30 2.59
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Reference Method 'gq'* Log Eq








Isoprophyl ether 82 D 20 -0.37
Diethyl ether 78 D 25 -0.A3
Chloroform a.72 25 80 D 25 0.8A®
103 D 25 1.05
5.62 25
102 IR 2.00-2.62






lsl Dichloroethane 8A NMR 25 1.21
















• 76 CH 25 -0.80
77 GN 25 -1.28^0.05
• 109 EI IP 25 -1.26
110 DEN 20 1.95
111 VP 25 -0.73
„
6.15 20
96 vp 25 -1.30i0.06g
Liquid Acid 112, 113 R 15
and
100 •L













a Calculated from Herz and Kurzer^
6 Calculated by Pimantel and McClellan
c Quoted from references 10 and 105
d Calculated from Smyth and Rogers'8
a Calculated from Rothmund and liilsraore
f Calculated from Jones and Burjr-^ ...
g Calculated from MaeDougall and Blumer
^ Lcgltji — 3.63
"t* LogKj — —0.89
h Acid used was CH,C00D
j
(15)
In Table 1-2 it can be seen that values far determined by different
methods in the same solvent often vary widely. Soi etiraes different workers
using the same methods are not in agreement. The disparity between the
values obtained with other methods my be due to the fact that water and
the organic solvents used are not completely immiscible. The organic phase is
in fact saturated with water and this affects the results.
O
The value of Kn tends to decrease and the value ofAH to increase
«
2
with increasing dielectric constant of the solvent. However, for solvents
O
with a dielectric constant less than 3» the value ofAH ia fairly con-
-1 o
stant at about 9*9 kcal. mole • The value 0fA£>2 tends to increase with
increasing dielectric constant of the solvent, but the trend is irregular,
Both the heat-content change and the standard entropy change in solu¬
tion are less than the corresponding changes in the gas phase. This shows
that the hydrogen bonds require less energy for dissociation in organic
solvents than they do in the vapour. However, although the smaller
heat-change effect favours the monomer at the expense of the dimer, it
is compensated by the smaller entropy change on dissociation, the changes
O O T®
*nAHo an(* TAS being of comparable magnitude and opposite effect on2
Kjj. The smaller entropy and heat-contant changes have been attributed
to solvation^ which is likely to be more pronounced for the monomers,
where there are the local dipolas of the hydroxyl and carboxyl group,
than for the dimers where the polarisable groups are masked. £ In
benzene the resultant dipole moment of the monomer is 1.7^ compared
with 1.013 for the dimer^J. A decrease of entropy, therefore, will
arise from the solvation of the monomer and the energy of the monomer will
O
be lowered more than that of the dimer by solvation. ThusAH^ will be
9
smaller in solution th t it is in the gas phase. The trends of£E2
(16)
and 4Sg with dielectric constant are thus explicable by solvation.
In aqueous solution the dimerisation constant is vary much smaller
than in other solvents. tgain there is some disparity between the results
obtained and Davies and Griffiths^0 have concluded that earlier workers'
76, 108, 111
results are based on over simplified treatments or inadequate
data.
The structure of the acid dimer in the liquid phase and in solution has
114
been studied widely. Latimer and ilhodebush were the first to suggest
that a hydrogen bond is present in associated acetic acid. Thereafter it
was believed that the dimer is cyclic in form as in the vapour phase. In
1946 Batuer postulated, from Raman spectra, that acetic acid shows a chain
69, 72 88
type association in its liquid form and also in solution in dioxan •
Chulanovski^f and Limova^^ noticed in the infrared spectrum of acetic acid,
the same vibration which they had attributed to free rotation about the
115
0 • H axis in formic acid. Lamb and Finkerton suggested that the
dissociation of the double molecules may proceed in two or more stages and
that the relaxation mechanism observed in ultrasonic absorption measure¬
ments on acetic acid is associated with the breakage of only one hydrogen
bond. on the basis of Raman spectra of the pure acid and solutions in
organic solvents, Feneant^' ^ reacted'Batuey*s suggestion ;hd postulated
that with increasing dilution an open f orm of the <2imer ( HE) increases in
Soncentration, eventually rupturing to give th8 monomer. In aqueous
116








that a water molecule attaches itself to each extremity of the acid mole«
cule and that this B - 2^9 form is mora stable than the simple open
dimer (ill).
117
Harris and Alder noted that the dielectric constant of liquid
^acid/
acetic/is higher than would be expected if the non-polar dimer were the
only species present. They suggested that self-ionisation takes place
thus
,0 H-O, O.




Support for Feneant's scheme for the dissociation of the cyclic dimer




measurements of tagni, Ferrari, and Papoff . Further studies of the
vaman spectra of the pure acid and its Cqueous solution by Cucurazeanu
supports Feneantf3 suggestion. This work shows that in the pure liquid the
x 0
monomer is not formed completely "Bill the temperature has reached 20") C.
An equimolecular solution of acetic acid and water consists of open dimers
121
with small amounts of cyclic dimer and monomer •
Propionic acid
Propionic acid appears to be dimerised in water and in organic solvents
68 6q 30
except dioxan ' . Although Trautg .and Aoschel stated that trimers of
the acid were formed in benzene and nitrobenzene solution, there has been
that/ 73
no further evidence for their existence apart from the factjBlinc and Blinc
found the degree of association in the pure acid to be 2.1. These authors,
therefore, suggested that small amounts of polymer might be present.
Propionic acid is more associated than acetic acid in all solvents
(Compare Tables 1-2 and 1-3 )• There are the same tendencies for Kq to
(18)
decrease and/lH^ to increase with increasing dielectric constant of the
solvent that were noted for acetic acid. Asg is again about 22 ii.U.
The configuration of the diiaer has been studied very little. ohere
diners have been found to exist, results have been interpreted on the
assumption that the dimer is cyclic. In some strong d6nor solvents such
acetone and acetonitrile the dimeric acid takes part in an equilibrium
involving a hydrogen-bonded complex with the monomer thus:
(R-CC^H^ + 2D 2R C02H D
where D is the strong donor
(19)
TABLE 1-3
Thermodynamic functions for the association of propionic acid in various solvents.
Dielectric Temp.
Solvent Constant He fere nee Pethod °G Log %








101 IK 25 3.39
Benzene 2. 274 122 D 25 2.26





104. BPE 30 2.60
2.36625
67 DC 30 2.58
Tolttene 122 D 25 2.42
Chloroform 4.7225 122 D 25 1.82





101 IR 25 2.27










later 76 CN 25 -0,64
77 CM 25 -1. 30+0. 06
3.301C
109 EPF 25 -1.01"








9.37+0. 06 24. 0£
7.43+0.25 18.5a







a Calculated by Pimentel and 24cGlellan^7
b Value of Log Kj varies with concentration.
(20)
Butyric icid
Butyric acid is the most associated of the four acids and as
74
early as 1911 Paddle and Turner reported that is distinctly
associated even in dilute solution# Trauty and Moschel reported
that triiaers of the acid exist in solution in benzene and nitro¬
benzene but this has not been oonfirmed by other workers. However,
in 1929 Grindley and Bury postulated that micelles are formed at an
acid concentration of about 15 male^ in water and this was confirmed
129
by Bury and Davie3 •
There have been several attempts to evaluate in aqueous solution
(see Table 1-4-), The results are in fair agreement though the value
76obtained by Katchalsky, disenbergjand Lifson is somewhat lower than
123
the others, Davias and Griffiths recalculated the cryoscopic data
107
of Jonos and Bury and fomad that in aqueous solution dinars exist at
concentrations between 0 and 1,4 molal. Thereafter tetramers are formed
log = log = 0*40 and then 12-raers with log 84.^12 =
log - 1,41, Then at concentrations higher than 3,4 molal,
£H4 4J0
micelles of 80-mers are formed.
Further evidence for micelle formation in aqueous solution at con-
136
eentrations higher than 12 mole % has come from ultrasonic measurements
and from the increase in solubility of a dye in increasing concentrations
of butyric acid^\ At low acid concentrations the dye is only slighlly
soluble but the solubility increases noticeably at acid concentrations
above 2M, This behaviour is attributed to the fact that above this


















































































































1 (d) PI AklPATION "F COPPER (il) n-ALKAVOAik,a.
132
In 1953 Van Niekerk and Bchoening determined tha structure
of crystalline copper (II) acetate raonohydrate by X-ray diffraction.
They found that this compound is dinuclear, its alost striking feature
O
being the close approach of 2.64A between the two copper atoms (V).
0
• Cu O Carbon
07
O Oxygen 0 CH3




Q \ _ 0 HpO
\ O ® 2to
o (v)
0
■ • • , 133-138 . _ . .For some years prior to this, various workers had reported
on the magnetic susceptibility of copper (II) acetate and all, with one
134
exception * found the molar susceptibility to be considerably lower
than that found in other copper salts. The temperature variation of
the magnetic susceptibility was found to be anomalous also. Aniel,
139 140
P'ioquin^and their co-workers - attribute the lowering of the
magnetic susceptibility to the partial masking of the copper in a non-
electrolytic internal complex (VI).
-C Ci± )c—
V V (zr)
Just before Van Niekerk and Sehoening published their work, Bleaney and
141
Bowers suggested that isolated pairs of copper ions are coupled to¬
gether by exchange forces with each copper ion bonded by four oxygen atoms
in a plane. This is exactly the arrangement described by Van Niekerk and
Schoening.
The paramagnetic resonance absorption of copper (II) acetate is
141-145
anomalous also , and a similar explanation to that of Bleaney and
Bowers has been advanced, Subsequently, infrared spectra measure-
(25)
146, 147
merits have provided fresh confirmation of the dinuclear
structure. From their magnetic susceptibility measurements Figgis
and Martin"*"^ suggested that the bond between the adjacent copper atoms
is a very weak covalent8-bond, formed by lateral overlap of 3dx2_y2
orbitals. The bond is so weak that the dinuclear configuration can be
maintained only by the four bridging acetate groups, the exchange energy
—1 149
being calculated as 1 kcal. mole . Ross has confirmed the existence
of the tS-fcond in copper(II) acetate from an analysis of the results of
Bleaney and Bowers1^1 and of abe and Shimada^^ whose work preceded the
publication o? the molecular structure of copper(II) acetate monohydrate.
Copper(ll) propionate^"^"^^''" and n-butyrateresemble copper(Il)
acetate in their magnetic behaviour. Optical absorption measurements in
152 153
the acetate and propionate ' and n-butyrate were claimed to show
the existence of the copper-copper bond. Of interest was the fact that
absorptiometric measurements"^-'' showed copper(H) mono- and di-
bromaacetate to be dinuolear but copper(U) tri-chloroacetate to be
mononuclear.
Dimers of eopper(II) alkanoates are formed in solution in organic
152 157
solvents. Tsuchida and Yamada ' concluded that suoh species as
Cu2(R.G02)^X2, where R=CHj, C2H5, or n-GjH7, and XaH^O, CgH^OH, or GHCtj,
are formed in solution in ethanol or chloroform.
158
Gryoscopic measurements and absorption spectra indicated that in
dioxan solution copper(U) acetate, propionate, n-butyrate, and n-valerate
are dinuclear. The absorption spectrum of copper(Il) n-butyrate^57»
showed that it is dinuclear in solution in carbon tetra-
(24)
chloride, chloroform, acetone,and alcohol# Magnetic susceptibility
159
measurements ' at room temperature showed that copper (II) acetate
is dinuclear in ethanol ard dioxan, mononuclear in pyridine^while
in methanol, the magnetic susceptibility lay between that usually
observed for the monoclear salts and dinuclear salts.
Graddon ' has found that the distribution of copper (II)
propionate between water and chloroform gives distribution constants
of the form
jj = .Concentration of copper in aqueous phase
^/Concentration of copper in chloroform phase
The fourth-root function in the distribution constants shows that the
salt is dinuclear in chloroform solution. It appears to exist in
the organic phase not as an unsolvated molecule but as the propionic
acid solvate, Cu2(C2**5^2)4 • (C2H5C02H)2*
The behavidur of copper (II) acetate and its higher homologies
in aqueous solution is less certain. From potentiometric measurements
0 162 +
with a glass electrode at 18 C., Pedersen reported that CuCH^GOg
and Cu(CH3CG2)2 are fonasdU Spectrophotometry measurements con¬
firmed this and also indicated that complexes such as Gu(CH3C02)3
2-
and Cu(CH3C02)4 an(* polynuclear complexes are formed in suffieiently
concentrated solutions. Fronaeus has made potentiometric and 3pectro-
metric measurements"'"^ and i°n exchange measurements*^ in a 1 M
O
sodium perchlorate medium at 20 C. and like Pedersen has found species
2-
farmed up to CufCH^C^^ • Fronaeus also found that the dinuclear
.3+ 2 +
complexes (^2(^3^2/ and Cu2(GH3C02)2 were formed.
o 2.6$
It has' been postulated from conductivity jfceusurements at 0 G
O 166 o 165, 167and 30 C and spectrophotometric measurements at 20 G that
(25)
only the 3pecies CuCH3C~2 Gu(CH^G"2)2 are formed in aqueous solution.
158
Martin and -hitley ' reported that their cryoscopic measurements on the
series copper (II) abstata to copper (II) n-butyrate showed that the
dinuclear structure present in the solid state is destroyed in water. The
magnetic susceptibility of copper (II) acetate in aqueous solution is
159
1.93 B.M. and this is taken to indicate that the salt is mononuclear
in aqueous solution. /fails ledersen and Jj'ronaeus surveyed wide ranges of
concentration, all the solutions used by the above workers were rather weak.
It is unlikely, therefore, that any of their measurements were made at con¬
centrations where the polynuclear species could be expected to exist.
Table 1-5 summarises the values for the constants for copper acetate
obtained by the various workers. The method used for the measurements is
shown in the third column of the Table by the following abbreviations:
eraf amf measurements other than glass electrode measurements
gl glass electrode
i , ex ion exchange
sol solubility
sp spectrophotometer
The abbreviations used in the fourth column of the Table refer to the
medium in which the measurements were made thuss constants extrapolated
or corrected to zero ionic strength.
1 M « NaClC^ / measurements made in the presence of a
2 11 - NaNOj \ constant concentration of inert salt
The stability constants,^ and for the species Cu^CH^O^)^
and Cu2(CH3002)22+ respectively are given by
sO1 =. [Gu?(GH3G02)nJ
lU [Cu]2 . [CH3.CO2Jn
































































































Copper(ll) formate differs from the other copper alkanoates in that
it seems to be mononuclear not only in aqueous solution but also in the
170
solid state and in organic solution. The crystal structure shows that
151
eopper(ll) formate tetrahydrate is mononuclear. The magnetic moment ,
1.6 B.M., is intermediate between that, 1.38 B.M., for its higher homologues
which are dinuclear and that for magnetically dilute copper(ll) compounds,
■i RR
(1.9 B.M.). The moment ^umps to 1.9 B.M. in aqueous solution suggesting
that strong intermolecular exchange forces are present in the crystalline
compound.
152
Absorption spectra indicate that there is no copper-copper linkage
in crystalline copper(ll) formate nor in its solution in alcohol or chloroform.
Species of the type Cu(H«C02)+, Cu(H*C02)2, Cu(H»Copland CuCH^CO^2" have
been identified^ in 2M sodium perchlorate solution at 25° and the formation
constants evaluated though the limits of error are rather wide.
* 158
Further magnetic and czyosoopio measurements of aqueous solutions
of copper(ll) formate indicate that it exists as a moooaer in water. However
the solutions used in this work were of low concentration. The magnetic
moment is low (1.01 B.M.) in dioxan and the presence of an absorption band
corresponding to the copper-copper linkage indicates that copper(ll) formate
158
adopts the dinuclear structure in dioxan solution . Martin and Whitley
believe that the donor and non-ionising properties of dioxan favour
formation of discrete dinuclear [Cu2(H*C°2(C^Hg02)2J molecules and they
have confirmed this by isolating from solution crystals which contain dioxan
and which have a magnetic moment about 1 B.M.
Further study has shown that several forms of copper(ll) formate
can be prepared in aqueous formic acid depending upon the conditions of
(28)
172
isolation . ~nly mononuclear forms can bo isolated but when copper
carbonate is dissolved in concentrated formic acid, the resulting solution
has a blue-green colour which changes to blue in a few .inutes. Pale
blue square plates which seem to have the structure Cu(H*C"2
then crystallise*
The absorption spectrum of the blue-green solution was characterised
by the presence of a band which in heavier dinuclear copper (II) alkar.oates
152 157
was ascribed 5 to the copper-copper linkage. The occurrence of a
similar band in the blue-green solution is taken to indicate the existence
of dinuclear copper (II) formate in solution, most probably in
(H*C02H)2^] molecules. Awing to the unstable nature of the solution, the
magnetic moment of the copper (II) ion could not be measured. An attempt
was made to stabilise the blue-green solution and to isolate the dinuclear
compound by replacing water with acetone but this was unsuccessful. The
absorption spectrum of this solution suggests that acetone molecules have
replaced formic acid (or water) in the structure to form [cu2(h.co2)4 •
(CH^GO'CH^)2J molecules.
17^
The same workers have "conditioned" copper (11) formate into adopting
the dinuclear copper (ll) acetate-typo structure. The observed reluctance
of anhydrous or hydrated copper (II) formate to adopt the dinuclear structure
may arise from the comparatively lowtf*-electron density on formate oxygen
atoms, leading to a relatively large residue of positive charge on each copper
atom after the formation of the compound. In the dinuclear structure the
two copper atoms are relatively close to ether and so a large residual
electrostatic charge on the copper atoms will render the structure unstable.
This escess of positive charge has been reduced considerably, thus favouring
(29)
the d:lnuclear structure, by forming heterocyclic monoamine copper (II)
t
jy
formates. The amines used, pyridine, 0(-» !>-, ^ -picoline and also dioxan,
have a highd*-electron charge density on the nitrogen atom and form a dative
bond to copper.
The compounds formed are emerald-green in colour and have low magnetic
moments of 1.0 - 1.1 B.M. The temperature variation of the magnetic suscept¬
ibility is anomalous and these facts indicate that dimers are formed. It is
noted, too, that the copper-copper 6-bond formed has a greater binding energy
than the S-bond in heavier copper n-alkanoates. In the formate compounds
the exchange energy, J, associated with/o-bond is of the order 1.5 - 2.0
kcal. mole ^ whereas in the heavier copper n-alkanoates J is 0.66 + 0.09
-1
kcal. mole • At room temperature the magnetic moments of the formate
derivatives are much lower (0.9 B.M, compared with 1.4 B.M.), and the
temperature of maximum susceptibility is much higher (500°K compared with
250°K). Therefore, there is a greatly enhanced overlap between the Cu-Cu,
3d^-5dg orbitals which may arise in two ways. First tue copper-copper
O
distance in the formate derivatives may be decreased from the value 2.64A
o
observed in copper (II) acetate monohydrate toward the value of 2.55A
observed in metallic copper. becondly, the copper-copper distance may
O
remain 2.64A but the overlap may be enhanced by the modified ligand
field produced by the replacement of acetate by formate oxygen atoms and the
presence of the terminal ligands.
The variation in the colour of solutions of copper (II) alkanoates with
17. X77
concentration is of interest and has received considerable attention .
X C1Q
Kondo and Kubo have noted that ethanol and dioxan solutions of copper (il)
acetate which showed anomalous magnetic behaviour are green in colour, while
(30)
)
aqueous and pyridine solutions which showed normal magnetic behaviour are
blue in colour.
148 132
Solid copper (II) acetate monohydrate is blue-green or dark green
in colour while copper (II) propionate monohydrate is dark green, copper (II)
n-butyrate monohydrate is green"'"and anhydrous copper (II) n-valerate is
158
blue-green . However, copper (II) formate is pale blue.
Copper (II) n-butyrate and n-valerate are blue-green in benzene solu¬
tion"^ and solutions of copper (II) formate, acetate, propionate, n-butyrate,
and n-valerate in dioxan are blue-green in colour. The aqueous solution
172
which Martin and Waterman believed contained dinuclear copper (II) for¬
mate, [Cu2(H»C02)4*(H*C02H/)23# is blue-green in colour. The copper (II)
173
formate monoamine solutions, which the suae authors examined and which
be
were found to/dinuclear, are emerald green in colour.
Thus, it appears that copper (II) n-alkanoates which are dinuclear or
solutions containing dinuclear copper (II) n-alkanoates are blue-green or
green in colour while mononuclear copper n-alkanoates and their solutions
are blue.
(31)
1(e) TH5 SCOPE OF THE PRESbMT WORK.
From the preceding acoount it can be seen that there is some doubt
about the existence of polynuclear copper (II) carboxylate complexes in
aqueous solution. On somewhat slender evidence the Japanese and Australian
workers have reported that the polynuclear complexes do not exist but they
appear to have overlooked the earlier reports by two notable solution
chemists, Fronaeus and Pedersen, that polynuclear complexes are formed in
aqueous solution. Therefore, in the present work a precise equilibrium study
has been made of the formato-, aceto-, propionato-, and butyrato-copper (II)
systems in an attempt to seek further evidence for the formation of the
dinuclear and polynuclear complexes in aqueous solution. As the existence of
178dinuclear and polynuolear complexes has also been reported in the acetaco-
cadmium (II) system, a precise equilibrium study was also made of this system
by the same method. The most convenient method of studying the systems was
to follow competition between protons and copper (II) ions or cadmium (II)
ions for the carboxylate anions at 25°C, with a glass electrode,
A necessary preliminary to the study of the metal complexes was the
precise investigation of the proton-carboxylate equilibria in the absence
of metal ions. Further information on the proton-acetate equilibria was
obtained from measurements on a high precision calorimeter.
The proton-acetate equilibria and the acetatocopper (II) system have
also been studied in a 50 > v/v water/dioxan mixture in which dinuclear and





2. METHODS Or1 COMPUTATION.
Many methods for computing stability constants have been developed
and a full description of these methods will be published by Rossotti and
Rossotti"^.
Some methods of computation have been derived and used for the first
time in the work described in this thesis. These methods along with other,
previously developed, methods used in the present study are described below,
borne further methods used in evaluating the equilibrium constants in the carbo-
a^late equilibria in a dioxan-water medium are described in Sec. 6 (b)
In order to compute stability constants it is desirable to have data which
are as accurate as possible and which cover a wide range of concentration.
Thereafter the aim is to find the values of the stability constants which
best express all the experimental measurements. If possible, more than
one method of calculation should be used, as different methods sometimes
give very different results.
In this work, the stability oonstants are obtained from the formation
curve of the system, B(log a). Equation (1-5) may be rearranged in the form
n=£
ns=0
lf(H - n$nan = 0 (2-1)
= /
Now when N-2-, e.g. in the copper (II) n-butyrate system (Sec. 5 (a)J» it has been
160
shown that the formation curve is symmetrical about its mid-point. In
this special case, Eqs. (2-1) and (l-3a) may be combined to
H + (5 - l)Kia + (n - 2)K1K2a2 = 0 (2-2)
whence
K i= -1 ^ (2"3)
a[(l - n) + (2 - n)K2a]
and
(33)
K2 = n + (5 - lfoa (2.4)
a(2 - n)Kia
Thus the calculation of one of these constants depends on the value of
the other. Simultaneous equations derived from Eq. (2-2) can he used
to evaluate Kq and K2 from experimental data but the method has the dis¬
advantage that where two experimental points, both slightly erroneous, are
treated, the resulting constants may be far removed from the general aver¬
age. The method is laborious and time-consuming also.
Another method which has been used previously is Bjerrum* s "half 5"
8
method . If K2 then the value of (-log a) when E » 0.5 gives log K^,
and the value of (-log a) when n = 1.5 gives log K2* However, this method
gives only approximate results when Kq< 1D%2» and it hae tile further dis¬
advantage that the constants are evaluated from only two points on the
formation curve.
Graphical methods of computation have the advantage that much of the
experimental data can be considered simultaneously. Recently, curve-
fitting techniques have been widely used1^' The application of
graphical and curve-fitting methods to the systems studied in this work is
outlined below.
(34)
2 (a) Q i/if*;iJL*VA TrtaVffiMT iF TIM n».J**
A graphical method for computing successive stability constants from
experimental values of the degree of formation by successive extrapolations
182
has been described by dossotti and rlossotti 0 This method is useful for
systems in which more than two complexes coexist0
Rearrangement of iq.(2-1) gives
7-4r- = fx +$2 ifc + l! (2-5)(l-n)a • ' 1-n n®3 lmn'
Hence the plot of iV(l-n)a against (2-B)s/(l-n) tends to a straight line of
interceptj8-^ and of slope^2 as a~"}0, In general, an accurate value of
any constantjS^ can be obtained# If Biq. (2—1) is divided by (t-n)a, where
t is an integer of value 0 < t < N, and rearranged
n»t-l . . n-t a n-N . n-t
& (HP** (?#.a l2-6)
If the values ofj^2******^t-l hav0 136911 calculated previously, then the
left-hand side of Aq(2-6) is knoim0 A plot of this terra against (t+l-fi)q/
(t-ff) gives |B^. as the intercept and an approximate value of^.+^ as the
limiting slope as a*->0.
In the study of some of the copper(ll) n-alkanoates, it was thought
possible that three species BA, BA2, and BA3 were present, with overall
stability constants and^ j respectively0 An accurate value of^-^
was obtained using Aq.(2-5) as described above.and$3 *®r® obtained in
turn by substituting t a 2 and 3 into 84.(2-6)0 When t • 3 is substituted
in Aq. (2-3) the resulting plot gives^ as ^1ia intercept and^^ as the slope0
In the systems studied the straight line obtained in this plot was horizontal
showing that j8, s 0.
(35)
This method of calculating stability constants is not always
satisfactory. It is laborious and requires a large number of
precise experimental points, well spaced over the range 0<n<N.
(36)
2 (b) CURVo,-FITTING lACHNIbUIS.
n(log a) data for a single complex
In a system where a single complex is formed i.e. N*l, the shape of
the formation curve is unique. A particularly useful method of obtaining
the equilibrium constant of the single complex is by fitting the experimental
formation curve, n(log a), to a normalised curve. The equation for the
, 183normalised curve has been derived by Sille'n • If only one complex
is formed, iiq. (1-5) reduces to
(2'7)
where
loga* £ loga+ logj?i (2-8)
Thus n is a function only of the normalised variable a*. The curve
ntloga*) is calculated from Aq. (2-7) and moved along the abscissa of the
experimental plot until the be3t fit is obtained. Then the value of log a *
coinciding with log a*« 0 is the value of -log^S^, cf. ^q. (2-8).
p (log a) data for two., cpj&plejsa&j
In a system where two complexes only are formed, Aq, (1-5) reduces to
n £ &a 2 (2-9)
1 +^i^«2a
In this work, the othod used to evaluateand^ in such systems has
strip i84, 185
been the projeotion/method
betting the normalised variable




iiq, (2-l) can be rewritten
p*(l?s) a" - (wb) "* (2"12>
yr
TIstue n is a function of the normalised variable a and the parameter p
which fixes the shape of the formation curve n(log a). The family of
£
theorotical curves log p(log a )jj is calculated from i^q. (2-12) using a
number of convenient values of n. The data for this family of curves have
185
been calculated and quoted by tossotti and iossotti •
The plots of log p against log and n against log a are made using
the same abscissa scale. For each value of n used
in the calculation of the family of theoretical curves, the corresponding
value of log a and the experimental uncertainty in this value is ftarked off
on the log a axis ^see dec. 5(a), Fig. 51 ]• The projection strip (loga)-
is then 9uperirnpoaed on the family of theoretical curves, p rallel to the loga*
axis, 30 that the best fit is obtained for all the values of n shown £see S««.
5(a) , Fig. 5-2 ]. The ordinate which corresponds to the bast position
of fit of the strip gives the value of log p. The point of intersection of
the log p axis (loga* • 0) with the projection strip gives the value of -|-
2« The maximum limits of error in the values of p and -^•log^2 may be
estimated from the vertical and horizontal distances respectively through
which the projection strip may be moved, whilst allowing the calculated values
of (loga)^J to remain within the experimental uncertainty.
The determination of three equilibrium constants.
If, over a certain range of the variable a, a oumber of experimental
points (a,f) have been measured and f and a are related by
f(a)= k0 + kxa + kga2 (2-13)
^0* ^1 and k£ k®lnS unknown constants to be determined, then «q. (2-13)
(38)
may be expressed in terms of the two normalised variables
f* = Pif
a* = P2f
and of a third parameter, p^, where p-^, and p^ are related to the stab¬
ility constants"*"^. The origin of the experimental function logf(loga) is
fixed by p^ and p£, and its shape by pj. The values of the parameters may
be found by comparing the experimental data logf(loga) with the family of
normalised curves logf*(loga*)py The maximum limits of error in the
parameters are given by the permissable vertioal and horizontal displacement
of the origin. In his paper Sillin^*'. discusses modificationsof the method
when the function is
f(a) = kQ + k^a"^ + k£a (2-14a)
O «
f(a) = (*o + kla + k2a ~ (2-14b)
f(a) = (kQ + kja"1 + k^"2)"1 (2-14o)
when kQ=0, or k£=0, or when treating the polynomial
f* a Pifa"1
and a = p£a
This method is not applicable directly to data n(loga) but may be applied
to functions derived from them [see Sec. 6(b) .]
In analysing the data for systems in which several species coexist
the problem of deciding which reactions occur and of calculating the
relevant equilibrium constants arises. If curve-fitting methods are used,
the data are fitted to normalised curves for different likely combinations
of species until an acceptable fit is obtained. borne idea of the species
present can often be gained from the shape of the experimental formation
curve. Several combinations of species must be tried as it is sometimes
possible to obtailk, equally acceptable fits with more than one combination.
(39)
Normalised curves for species A, HA, HAp» H9A9.
From the experimental data ffH(logh) for the four carboxylic acids
studied in aqueous solution see £ac. 4(0)] it was postulated that a
possible combination of species formed is A, HA, H*2> ®2^2* The data
* / * 186
were analysed using normalised curves of the tyoe logA (logh )- .
This method has also bean used in studying inorganic isopolyacids ,
For the present case, the family of normalised curves is derived as
follows, charges being omitted here and elsewhere for clarity,
A= a + (HA] + 2fHAj + 2[h2A2"] (2-15)
*K ydi 2 „ *>H 2 2 , ,,
- a +yp ^ha + 2p.,2ha + 2p ^ a (2-16)
H = h + jliiQ + ]hA^] + 2 (2-17)
Combining 3qs. (1-6) and (2-17)
An„ = + [hA2~) + 2(2-18)
= ♦ fl2»*2+ 2$2»V (2-19)
Equations (2-16) and (2-19) are njrmalised by setting
4 HP.if12h'= Ax"- «--■
Then Aq, (2-l6) becomes
2
A* = (1+ h*)v + 2h*(l + Rh*)v (2-20)
and £q. (2-19) becomes
A*nH= h*v + h*(l + 2Rh*)v2 (2-21)
Subtracting 3q, (2-21) from Aq. (2-20 )xnj} solving for v
v = h*- (1 + h*)nu
h* [ 2ffH(l + Rh*) - (1 + 2Rh*)J (2-22)
oubstituting £$# (2-22) into £f» (2-20) and solving for A
AU 6h(1 * »*) - (2-2-0
h*Q (1 + 2:ih*) - 2nH(l +
(*0)
The experimental datdblog A(log h) are superimposed on the family of curves
R
H
by log A*(log h*)- _ in such a position that the best fit is obtained. In
"n^ R
this position
log A* - log A = logfi2 - logjg^ = lqg (2-24)
log h* - log h = log^ - log Ku (2-25)
where is the equilibrium constant for the reaction
HA + A?2tHA2 (2-26)
■7
also is the equilibrium constant for the reaction
H + HA^ HgA2 (2-27)
a ^
The value, of« is obtained from the value of K used to obtain the best
r 22
fit. The value of R may sometimes be calculated precisely from the formation
curves; in other cases R must be found by successive approximations [see bee.
4(a) ]. The value of K is obtained from iSq. (2-2b).
R = _ £22 . (2-2b)
4li K;r11^12 11
The maximum limits of error in the values of the constants are given by the
permissable vertical and horizontal displacements of the origin of the
normalised curves, whilst maintaining an acceptable fit.
Normalised curves for species A, HA2.
In the case where the species formed are A and HA^ we may set
A*_ v _ /0n
A " a " Pl2
and the analogue of Eq. (2-20) is
(U)
A* « v + 2hv2 (2-29)
The analogue of i£q. (2-21) is
= hv2 (2-30)
whence
A*(l-2%) = v (2-31)
Substituting JSq. (2-31) into Sq. (2-29) and solving for A*
A* = % (2-32)
h(l-2%)2
The experimental data log A(log h)- are superimposed on the family of"curves
nE
log A*(log h)- in such a position that the best fit is obtained. In this
n
position the value of log'jS^ is obtained from Sq. (2-24a).
log A* - log A a legf* (2-24a)
The maximum limits of error in the value of the constants are obtained in the same
way as in the previous case.
Normalised curves for species A, HA, HA2, and H2A3.
In the study of acetic acid in diox4h-water mixture [see bee. 6(b) ] the
formation of the species A, I1A, HA2, and K2A3 was postulated at low values of n^(0^i^^
0.10).
Here
A = a + [HA] + 2[HA2] + (2-33)
= a ♦jB^jha + 2^ ha2 + 3jB" ^^ (2-34)
H = h + [HA] + [HA2] + 2[H2A3] (2-35)
Combining EqS* (1-6) and (2-35)
= [HA] + [HA2] + 2[H2A3] (2-36)
<«»
Normalising Bqs. (2-34) and (2-37) by setting
(42)
h* = h, t - 2 x <8 Vl and a ^2^^ A & It (fl2>2
whence
and
A* = (1 + h*)v + h*v2(2 + 5Rh*v)
A*n = h*v + h*v2(l + 2Rh*v)
H 1
Subtracting fiq. (2-39) x 3 ±*1*001 Kq. (2-38) x 2
A*(2 - 3^) = (2 - h*)v + h*v2
and solving for v






Subtracting Sq. (2-38) x n^ from Eq. (2-39)
0 = h* - 1^(1 + h*) + R(h*)2v2(2 - 3%) + h*v(l- 2^)
(2-42)
whence
v = U"H - 1) ♦ /(j-2^)2 - m(2 - 3^)[h* - (1 + h*)^]
2n*R(2 - 315,,)
(2-43)
Eliminating v by equating Eqs. (2-41) and (2-43), the following expression for
*
A is obtained.
- \2.*2Rh (2 - 3%) A xAnii - 1 + 2- h* / (1 - 2%)2 . 4R(2 - 3%) [h* 1(1 + h*)iL~] -f/R(2 - 35H; L J
(2111 1) *
1_— + 6n - (2 + h ) (2-44)
R(2 - 3Bii)
The experimental data log A(log h)- are superimposed on the family ol' curves
nH




this position the values of log 'p^ a^© obtained from
TV *J
Eq. (2-24) and the value of log^^ from Eq. (2-25) • The value of j$
is obtained from the value of R used to obtain the best fit. The maximum
limits of error sire calculated in the usual way.
Normalised curves for species A, HA, HAp, and HA_.
If the hypothesis is made that the species A, HA, HAg, and HA^
coexist in equilibrium in a system then
A s a + [ha] + 2[HAj + 3[HAj (2-45)
= a + ^ha + 2 ^2ha2 + 3 ^g^a3 (2-46)
H = h + [HA] + [RAJ + [hA3] (2-47)
Combining Iqs. (1-6) and (2-47)
An^ = [HA] + [HAj + [HA3] (2-43)
• ♦ tfy♦^jha3 (2-49)
Normalising Eqs. (2-46) and (2-49) by setting
sH . A* v 4? H»°f>> i'1 = K-a
n w
we obtain
A* = v(l + h®) * 2v2h* + 3Rv3h* (2-50)
A*n^ = vh* + v^h* + Rv3h* (2-51)
If v is eliminated from Eqs. (2-50) and (2-51) and the equations
are then solved for A*, we obtain
~"w* 'r N J(h*)2(l-2^)2 - 45^(1-3^) [h^(l+h^)j-3nK)2A* = ^(1-2^0(1-5^) - hK^-l)Rh*(l-3nII)
♦ 2^(2-3^) - 1 - *Kl-2y2 (2-52)
*(1-3^)
(H)
The experimental dutadog A(log h)- are superimposed on the family of curves
"h
log A*(log h*)» in such a position that the best fit is obtained. In this
position the valuec of ^, and K^ are obtained from Eqs. (2-24) and
_ H
(2-25). The value of <K is calculated from the value of R used to obtain
r 15
the best fit. The maximum limits of error are calculated in the usual way.
Normalised curves for species A, HA, and HgA
In the case where the species a, HA and ^^2 o0®**-8* equilibrium in a
system
A = « + [HA] + 2[HgAg] (2-55)
= a + 'jS^ha + a2 (2-54)
H = h + [HA] + 2[H A£] (2-55)
Combining Eqs. (1-6) and (2-55)
A%j = [HA] + 2[H2A2] (2-56)
. (2-57)
Lubtracting Eq. (2-57) from Eq. (2-54) we obtain
A(1 - Sjj) = a (2-5b)
On substituting Eq. (2-56) into Eq. (2-57), we obtain the following linear
function (2-59), from which values of and may be obtained.
' XX 1 22
Si = ♦ 2 ^22A(1 * (2-59)
(l-%)h




t , A*_ v .h and -r " —
11 A a
(45)
we have by substitution into Eq. (2-59)
A*= "H - (2-60)
2(b")a(l.%)z
The experimental data log A(log h)_ are superimposed on the family of; curves
%
log A*(log h*)_^£ . in such a position that the best fit is obtained. in




is obtained from Kq. (2-61) thus
22
log A* - log A = log'fi - 21og/$ (2-61)
I 22 *11
The maximum limits of error are calculated in the usual way.
Equilibrium constants related by some ratio.
If a large number of species appear to coexist in a system, it is useful
if some simplifying assumptions can be made and the system interpreted in terms
of two or three parameters only. Usually the precision of the experimental
data does not permit the determination of more than three parameters. In the
study of acetic acid in the dioxan-water mixture [bee. 6(b) ], it appeared
likely that species such as HA, HA2, HgAg, HgA,, H^A^, HjA^and h^A^ might be
formed. as the successive oligomers differ only in the addition of one more
proton or carboxylate ion, it is possible that there is a faiily simple
relationship between the successive equilibrium constants. Four hypotheses
were tested and the derivation of the corresponding normalised curves is
outlined below.
In the four hypotheses, two constants Ka and K are defined. Ka is the
same in each hypothesis and is the acid dissociation constant of
Ka - tHq-l V, h (2.62)
(46)
However, K is defined differently in each hypothesis. The mass-balance
equations, (2-63) and (2-64) are thus
A = a+HA+2HA2+2H2A2+3H2Aj+3Hy^+4H;5Ai+ (2-63)
Any = Hii+HA2+2H2il2+2H2Aj+3HjA^+3Hyi.j^+. • . • * (2-64)
whence
A(1 - Sg) » a + H&2 + H2A^ + HjAjij. + ••••••♦••••••••• (2-65)





Let K^"1 = i-HqV (2-66)
(ha)1
where q is an integer
Combining Eqs. (2-62), (2-65)» and (2-66)
A(l-^j) = Kah"1[HA+H2A2+H3A3+ ] (2-67)
= ^a*1 [ ha+Kh2a2+K2h^a"' + J (2-68 )
Multiplying both sides of Sq. (2-68) by K
AK(l-^i) = Ki.h"1LKha+R2h2a2+K3hV+ ] (2-69)
Normalising Sq. (2-69)
A*(1-Hh) = (h*)"1 (a*)q (2-70)
= (ft ) provided a* 4 (2-71)
1-a*
Now
A = JTqH A + T qH A A (2-S3d)L. q q L. q q.q q
w
Combining Eqs. (2-62) and (2-63a),
A = (1 + K h"1) J(±H A (2-72)'•Mq
Combining Eqs. (2-66) and (2-72), and multiplying both sides by K, we obtain
AK = (1 + Kfth""^).(Kha + 2K2hV + 3K3h3a3 ) (2-73)
Normalising Eq. (2-73)
A* = (.1 + (h*)"1] 5L q(a*)q (2-74)
= Ll ♦ (hV^s* (2-75)
(1 - a*)2
Prom Eq. (2-71) i
_ A A*(l - 5ft) ' (2-71a)
(h*)"1 + A*(l-nfl)
Substituting for a* in Eq. (2-75)
a' ■ (hT^ih-)-1 - q-SHKMh')-1)] (M6)
U-%)2
When the experimental data log A(log are superimposed on the family of
curves log A (log h )j^, calculated using Eq. (2-76), then in the position
of best fit
log h - log h* = log Ka (2-77)
log A* - log A s log K (2-78)
The maximum limits of error are calcul-ted in the usual way.
Hypothesis 1A
A modified form of Hypothesis 1 allows the first acidity constant to
differ from K^. Let the first acidity constant =
Then Eq. (2-70) becomes
op
A*(l-%) = K^hTV + (h*)'1 \ (a*)q (2-79)
= Kx(h*)-V + (h*?-1(^)2 (2-80)
(1-a*)





A* = a* (1 ♦ K^h*)"1) > (1 + (n*)"1) (a*)q (2-82)
= a*(l + K^h*)-1) + [1 + (h*r1](2 - a*)(a*)2 (2-83)
(1 - a*)2
Solving Eq. (2-81) for a* and substituting for a* in £q. (2-83) should
give an equation for A*, enabling curves of log A*(log h*)- to be
% 1
calculated. However, the solution of Eq. (2-81) and the subsequent
substitution in Eq. (2-83) are rather difficult and it was not con¬
sidered worthwhile to devote time to the problem. The hypothesis, there¬
fore, was not pursued.
Hypothesis II
K is again defined by iq. (2-62) and qK^"^ = (2-84)a * (ha)*
where q is an integer
This implies that the first lew additions of HA occur more easily than the
later ones, i.e. the equilibrium constant for the reaction
(HA)q ♦ HA ^ (HA)q + x
which decreases from"^" K to K as q increases from 2 tooO
q
Combining
fiqs. (2-62), (2-65),and (2-84) we obtain 1
A(l-nti) = ^h-1 [ha + 2Kb2a.2 + 2K2h3a3 ] (2-85)
Multiplying both sides of I3q. (2-85) by K
AK(l-lfo) = Kah-1[Kha + 2K2h2a2 + 3K3h3a3 ] (2-86)
Normalising Eq. (2-86)





Combining Eqs. (2-62), (2-63a), and (2-84)
A
= (1 + H^h"1)(ha + 22Kh2a2 + 32R2h\3 ) (2-89)
Multiplying both sides of Eq, (2-89) by K and then normalising
A* = (1 + (h*) 1) jTq2(a*)q (2-90)
mad
A* = (1 + (h*)"1a*(l + a*) (2^91)
" a ? provided a*^, 1
bolving Eq. (2-88) for a* and substituting for a* in Eq. (2-91)
we obtain
, (htv'r1 - (i - m)h . (p-huh*)-1 * (1 - shk! + at1)]
4(1 - %)^1 ♦ (h*)"1)2
(2-92)
The experimental data log a(log h)- are superimposed on the family of
"h
curves log A*(log h*)- calculated using Eq. (2-92)r In the position
"h
of best fit the values of Ka and K are calculated from Eqs. (2-77) and
(2-78) respectively. The maximum limits of error are calculated in the
usual way.
Hypothesis III.
K is defined by Eq. (2-62) as before and
a
^ = lbaAqj (2-93)
<& (ha)q
where q is an integer.
This implies that the addition of the ha to (Ha) to form (HA)^ q+1
becomes more and more difficult as q increases, i.e. the equilibrium
constant for the reaction




_____ which decreases from to sero as q increases from 2 to oO
q+1 3
Combining Eqs. (2-62), (2-65), and (2-93) we obtain
2 2
A(1 - Kg) = Kh""1(ha + SjS- + &-p- + ) (2-94)
Multiplying both sides of Eq. (2-94) by K and then normalising
A*(1 - ZJ = (h*)"1 Z (2-95)
1 qj
- (h*r1(ftt* - 1) (2-96)
Combining Eqs* (2-62), (2-63a), and (2-93) we obtain
A = (1 + K h~1)(ha + 2Kh2a2 + ^VaP + •*.) (2-97)
a
21 31




A* a (1 + (h*D £ q (a*)q (2-98)
a (1 + (h*)"1)a*ea" (2-99)
Solving Eq* (2-96) for a* and substituting for a* in Eq. (2-99) we obtain
(h*)~1A*
A*(1 - njj) + (h*)"1 a (h*)~1 el[l + (h*)"1J[A*(l - n^) + (h*)"^J
(2-100)
The family of curves log A#(log h*) is calculated using Eq. (2-100).
"H
To obtain the correct value of ?OT substituted values of and
it is necessary to use successive approximations. The experimental data
log A(log h)- are superimposed on the family of curves log A*!(log h*)- and
"H "H
in the position of best fit the values of K and K are calculated from Eq. (2-77)£L
(51)
and (2-76) respectively. The maximum limits of error are calculated in the
usual way.
Hypothesis IV.
K& is defined by Eq. (2-62) as before and
. Bfai (2-101)
(ha) I where q is an integer.
This implies that the addition of Ha to the first few oligomers is more
diff'ioult than it is to large oligomers, i.e. the equilibrium constant for
the reaction
(HA)q + liA^(HA)q+1
. K, which increases from^K to K as q increases from 2 to *0 ,
1+q
Combining Eqs. (2-62), (2-65), and (2-101) we obtain
A(1 - Eh) = K h 1(ha + + AV +....) (2-102)
2 3
Multiplying both sides of 12q. (2-102) by K and normalising




A*(l-%) = *00"* In (1 - a*) (2-104)
*v-l
e
Combining Eqs. (2-62), (2-63&)/ and (2-101) we obtain
A = (1 * Kah-1)(ha , 2fvh2a2 + 3K2h3a3 +,...) (2-105)
2 3
Multiplying both sides of Eq. (2-105) by K and normalising
A* = (1 + (h*)*"1) 2 (2-106)
(52)
Sq. (2-106) = (1 + (h*)"1)®*
(1 - a*)
(2-107)
Solving Eq. (2-104) for a* and substituting for a* in Eq. (2-107) we obtain
The family of curves log A*(log h*)„ is calculated using Eq. (2-108).
and Kjr it is necessary to use successive approximations. i^even figure
logarithms -are also necessary for this calculation. The experimental
data log A(log h)- are superimposed on the family of curves log A*(log h* _
"H Dj
In the position of best fit the values of K& and K are calculated from Sqs.
(2-77) and (2-78) respectively. The maximum limits of error are calculated
in the usual way.
(A* + 1 + (h
K y
In order to obtain the correct value of A for the substituted values of h
(53)
2 (o) INTB&RATION METHOD OF DETERMINING THS AYviRAGE COMPOSITION OF
FOLYNUCLEAR SPECIES.
The average composition of polynuclear species may be obtained from
the experimental curves (log h)^, without any special assumptions about
the complexes, using formulae derived by Sillsn^^ and quoted by Ingri
167
et al. These formulae define the quantities and r thus
log A, s log A - ^ [[(-n„(1) - %) - ^)h] il=g h] A (2.10S)
and
1.1 - / flog h2 jfiii4 dlog hi




= total carboxylate concentration in the mononuclear species
x average number of protons per carboxylate group in the mononuclear specr'O
r = the reciprocal of the average degree of condensation of A
and - are calculated by plotting - n^) - (4SlnA A
and \ respectively against log h and evaluating the integrals.
V JlogA*A
The average number of protons per carboxylate group, p^Q^, may be calculated
using the equation |5 s "Hpoly = Alfc " (2-111)
poly f -* J poly Ar - Ax
The average number of carboxylate groups, ^oly» be cal°ulated eioilarly,
q = L_ = A - A1 (2-112)
^ fpoly Af " A1
(54)
In Eqs. (2-111) and (2-112)
= molar concentration of II bound to A
Ainjl(l) x number of moles of H bound to A in the mononuclear species






Reagents of Analar grade were used wherever possible. Some of the
reagents used in the calorimetrio work [bee. 4(b) 3 were of the Merck
"pro analysi" grade. It may be assumed that reagents were of one of these
two grades, unless stated otherwise.
Water
i
Water from a glass still was passed through an""Slgastat" mixed-bed
de-ioniser. According to the galvanometer attached to the de-ioniser,
the eluate had a resistance of approx. 8 million ohv£. Final traces of
carbon dioxide were removed by boiling.
Potassium argentocyanide.
The sample used was prepared by Dr. F.J.C. Rossotti following the
method of Brown^^.
Sodium hydroxide.
A 50° sodium hydroxide solution was prepared from the solid and stored
in a polythene bottle. After a few days sp& riragly soluble sodium carbonate
which was present had settled. When required for preparing dilute solutions
the 50/o sodium hydroxide solution was filtered through a sintered glass filter,
porosity 3» and transferred to a polythene bottle by pipette. All sodium
hydroxide solutions were stored in polythene bottles and kept under an
atmosphere of nitrogen.
Sodium hydrogen carbonate.
Solutions were prepared from the solid and filtered through a sintered
filter, porosity 3» before potentiometric standardisation with perchloric acid.
PotaBSiua hydrogen carbonate.
The solid was kept in a desiccator containing oalcium chloride under an
(56)
atmosphere of carbon dioxide for several days before use. Potassium
hydrogen carbonate was employed as a standard for the strong acids used
in this work.
Sodium perchlorate.
The reagent grade aijjiydrous product of G.F. Smith oe Co. was used. A
concentrated solution was prepared and filtered through a sintered glass
filter, porosity 3, to remove insoluble matter which contained some iron.
The solution was boiled until, at about 137°C., a skin of sodium perchlorate
formed on the surface. When the solution was cooled to 60°C., NaClO^ • H^O
precipitated and was filtered off. The product was rinsed with a small
amount of distilled water and recrystallised. The solution was free from
ohloride, chlorate,and other likely trace impurities. It was analysed by
evaporation and drying weighed samples to constant weight at 125°C.
Sodium acetate.
A concentrated solution was prepared from sodium acetate trihydrate
and water. The solution was filtered through a sintered glass filter,
porosity 3, and analysed by evaporating, d.-ying, and igniting weighed samples
in 6 ml. platinum crucibles. After ignition, the sodium carbonate formed
was titrated against standard hydrochloric aoid using methyl orange indicator*
The prepared solution contained 3.084 Moles/1000 g. solution, and was
free from chloride and iron.
Sodium propionate.
The fl.D.H. product was recrystallised once from dilute propionio acid.
The white, flaky crystals were washed with dilute propionic acid and a
concentrated aqueous solution was prepared. The solution contained a little
propionic acid but was free from chloride and iron.
(57)
Analysis of this solution by the method used for sodium aoetate gave the
following, rather scattered results, (in Moles/1000 g. solution): 4.237, 4.205,
4.231, 4.191, 4.229, 4.247, 4.199, 4.253, 4.240.
The solution was, therefore, analysed by potentiometric titration,
described in Sec. 3 (c), and was found to contain 4.324 + 0.005 Moiea/lOOOg.
solution.
Sodium n-butyrate.
The B.D.H, produot was recrystallised three times from water. A con¬
centrated solution, free from chloride and iron, was prepared from the white,
granular crystals and water. The solution was analysed potentiometrieally,
the concentration being 4.173 + 0.005 Moles/1000 g. solution.
Acetic acid.
The Analar acid was frozen, the last 10>o to freeze and the last 10;j to
melt being rejected. The acid was used without further purification.
Propionic acid.
20
The B.D.H. product (n ■ 1.3870) was distilled once using a Widmer
column, the fraction boiling at 141.0°C. being collected. This fraction had
20
a refractive index n q » 1.3870. The first fraction (b.p.< 140°C.) had
20 20
n
D a 1.3883, and the residual higher boiling liquid had n ^ = 1.3874.
Literature values of the boiling point and refractive index of the pure
acid are 140.8°C. and 1.38650 respectively.
n-Butyric acid.
20
The B.D.H. product (n ■ 1.3978) was distilled once using a Widmer
column, the fraction boiling at 163-164°C. being collected. This fraction
OA
had n D = 1.3979. The first low boiling fraction had n ^ = 1.3985. Liter¬
ature values of the boiling point and refractive index of the pure acid are
163.25°C. and 1.39796 respectively.
/
Formic acid.
The Analar acid was treated in the same way as acetic acid and then used
20
without further purification. It had n ^ » 1.3714, the literature value
being n20Q » 1.37140.
Dioxan.
The Fluka product (purified according to Hess arid Frahm) was further
purified by freezing, the last 10> to freeze and the last 10,v to melt being
rejected. Before freezing, the refractive index, nwas 1.4220, and
20 20
after purification n jj was 1.4223. The literature value for n D is 1.42241#
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The dioxan was tested for acid by the method quoted by Rosin . A mixture
of 10 ml. of dioxan and 10 ml. distilled water required 0.09 ml. of 0.1N
sodium hydroxide for neutralisation, using one drop of phenolphthalein as
indicator. Thus the acidity of the dioxan used was within the limit of
0.15 ml. 0.1N sodium hydroxide given by Rosin.
The stock solution and all solutions containing dioxan were kept under
an atmosphere of nitrogen to prevent the formation of peroxide.
Silver perchlorate.
Silver nitrate was dissolved in the minimum of water and a saturated
solution of ammonium carbonate was added drop by drop. The yellow silver
carbonate which was precipitated was centrifuged and washed several times
with distilled water. Excess of the precipitate was dissolved in dilute
perchloric acid. The neutral solution was filtered and was free from
chloride and nitrate.
The silver perchlorate was analysed by Volhard* s method, using standard
ammonium thiocyanate with ferric ammonium sulphate as indicator. The




Copper(U) nitrate was dissolved in water and a saturated solution of
ammonium carbonate added, precipitating blue copper(ll) carbonate. After
washing with water, excess of the copper carbonate was dissolved in the
minimum of perchloric aoid. Sufficient perchloric acid was added to this
solution to make the concentration of acid about lOmM. The solution was
free from nitrate, chloride,and ammonium ions.
The copper was analysed by electrodeposition on a platinum cathode.
4-6 g. portions of solution, which contained about 0.25 g* copper, were weighed
accurately and after dilution with water to 150 ml,, 1 drop of G.1N hydro¬
chloric acid, 5 drops of concentrated sulphuric acid, 1 ml. concentrated
nitric acid,and 0.5 g. urea were added. A platinum cathode and anode were
191used with an independent glass stirrer ' . A current of 0.5A was used for
10 minutes and then 3A for about l^ hours. An applied potential of 3V was
used.
After electrolysis the cathode was washed with water, rinsed in alcohol,
and dried in a steam oven for 10 minutes before weighing. The residual
solution was tested for copper using diethyldithiocarbaaate and re-electrolysed
if necessary. Two stock copper(II) perohlorate solutions, whose concentrations
were 4-96,0 and 736,3«H/1000 g. solution respectively were prepared. The acid
content of the copper(ll) perchlorate solutions was determined by potentio-
metric titration (see Seo. 3 (c)].
Cadmium(U) perohlorate.
Cadmium(II) chloride was dissolved in water and a saturated solution of
ammonium carbonate added, slowly and with constant stirring, to precipitate
cadmium carbonate. The precipitate, which was slightly gelatinous, was
i
washed with distilled water and excess of it dissolved in perchloric acid.
(60)
The solution was free from ohloride ions. The concentration of the solution
was about 0.5M and the pii about 3»4«
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The cadmium was analysed by two methods, by electrodeposition and by
volumetric titration.
(I) Analysis by electrodeposition.
About 2 g. of the oadmiaa solution was weighed accurately. A drop of
phenolphthdLein was added, followed by 0.1K sodium hydroxide until precipita¬
tion was complete and the solution had a permanent pink tinge. A 5> solution
3 v
of potassium cyanide was added dropwise and with constant stirring until
the precipitated cadmium hydroxide just dissolved. This solution was
diluted to 100 ml. and electrolysed for 30 minutes using a platinum cathode
and anode and an independent glass stirrer. The current was 0.2A at first
and then was increased to 1.5-2.OA. An applied potential of 3V was used.
After electrolysis the cathode was washed with water, rinsed in aloohol,
and dried for 10 minutes at K>0°C.
(II) Volumetric analysis.
About 3 g* of the cadmium solution was wtighed accurately. This
solution was transferred to a column of the cation exchange resin Zeo-Karb
225, which had been converted to the hydrogen form. The acid solution
equivalent to the original cadmium was eluted with water and titrated with
0.197N sodium hydroxide using phenolphthaiein as indicator.
The results obtained from the two methods agreed to within 0,5^*
Nitrogen.
During a potentiometric titration, air was excluded from the system by
a stream of nitrogen which also served to stir the solution. The nitrogen
iriiitmh was bubbled through a itO; j sodium hydroxide solution to remove CO^
(61)
and other acidic impurities and then through 3M sodium perchlorate to bfiag
it to the correct vapour pressure.
For the measurements in the dioxan-water mixture, the nitrogen was
bubbled through tQyo sodium hydroxide solution, then through a 501/» v/v




Silver reference electrodes were prepared according to Brown • A
platinum wire, 1-2 cm. long, with one end sealed through a glass tube, was
coated with silver by electrolysis from a aqueous solution of potassium
argentocyanide, KAg(CN)2, for 8 hours at 0.3mA. Free cyan de wqs removed
from the solution before use by the addition of enough dilute silver nitrate
to produce a faint pecipitate of silver cyanide. At the platinum anode
hydrocyanic acid is evolved and silver cyanide is pecipitated. To prevent
contamination of the rest of the solution by these products, a pad of filter
paper was inserted along the narrow tube joining the two halves of the








A number of electrodes may be prepared simultaneously by connecting them
in series and using a current of 0.3mA for each electrode. after electrolysis,
the electrode was washed in distilled water and then lightly chloridized by
electrolysis in a O.IK hydrochloric acid solution for 30 minutes at 0.3MA.
(62)
The electrodes were usually purplish-brown in colour though on occasion
white ones were prepared. The reason for this variation is not apparent as
all electrodes were prepared in identical fashion. However, the behaviour
of the electrodes was the same whatever the colour and it was found that
electrodes behaved satisfactorily for more than six months without renewal.
3 (b) APPARATUS,
Grade A burettes and volumetric flasks were used. Solutions were kept
in rubber-stoppered Pyrex or Jena glass bottles, except alkaline solutions
which were kept in polythene bottles.
The potentiometric titration cell used was of the type described by
Forsling, Hietanen and SillSn^^, see Fig. 3-2 .
The titration veisel.A. had a capacity of 150-250 ml. The larger
capacity vessel was used for measurements of aqueous solutions and the smaller
capacity vessel was used for measurements of dioxan-water mixtures. The
titration vessel contained openings for various auxiliary fittings.
The 25 or 50 ml. Grade A burette. B, had an extended tip whioh was
bent just below the top so as to remove the burette stem from the area above
the titration vessel, thus giving easier access to the other auxiliary
equipment.
The glass electrode was a Radiometer shielded G202A type, suitable for
use between ph 0-9. Before use, the electrode was immersed for 24 hours
in 0.1N hydrochloric acid and then immersed for 24 hours in distilled water.
Thereafter the electrode was stored in distilled water. The treatment with
acid was repeated occasionally.
The nitrogen inlet was extended as close as possible to the bottom of
the titration vessel.










The J-tube of the "Wilhelm" salt bridge, desoribed below, is the last
auxiliary device shown in Pig. 3-2 . However, the titration vessels con¬
tained spare openings for second burettes or other fittings. The titration
vessel was made gas-tight with rubber stoppers. The nitrogen outlet was a
small slit in the rubber stopper holding the glass electrode in position.
The "Wilhela" salt bridge oooupies the left hand side of Fig. 3-2 .
The solution to the right of the 3-way stopcock, S£, was 3.00M sodium
perchloraie, and that to the left of the stopoook was 2.99^ sodium per-
chlorate + C.01M silver perchlorate. These solutions were maintained
by the reservoirs and C2 respectively. The salt bridge was in contaot
with the titration solution via the J-tube, D. The silver reference electr¬
ode was firmly fixed in the eleotrode vessel, E, by a bored rubber stopper.
The silver reference electrode and the glass electrode were connected to the
potentiometer. Any waste solution from the salt bridge could be removed
by manipulation of the three-way stopcock 33.
When measurements of equilibria in dioxan-water mixtures were made the
solutions in the right and left hand sides of the salt bridge were 50)0 v/v
dioxan - 0.60M sodium perchlorate and 50; 0 v/v dioxan - Q.59M sodium perch¬
lorate + 0.01M silver perchlorate, respectively.
Before each titration the liquid junotion at F was renewed by suitable
movements of the stopcocks S^, Sg, and 3^. The solution at the J-tube
side was renewed before eaoh titration by closing Sg to that side and then
manipulating 3y S^, and S^. During a titration, the salt bridge and
titration vessel were immersed in an oil thermostat to the level shown by the
dotted line in Fig. 3-2 • After a titration, the salt bridge was removed
from the thermostat bath and stored in the thermostat room. The 3-way stop-
(ft)
cock, S2» was turned to a diagonal position (see Fig. 3-2 ) so that none
of its outlets was open. All other stopcocks were closed.
Potentiometer.
Potentials were measured to +0.1mv with a Radiometer PHM 3k valve
potentiometer, which had been calibrated against a Pye Precision Vernier
potentiometer by Dr. F.J.C. Rossotti.
Thermostats.
Potentiometric titrations were carried out in an oil thermostat at
25*00+0.05°C. This thermostat and all solutions used in the titrations were
kept in a room thermostated at 25.0+0.5°C.
Calorimeter.
Calorimetric measurements were made on the instrument installed in the
Inorganic Chemistry Department, Royal Institute of Technology, Stockholm.
This precision calorimeter was equipped with a resistance thermometer, a
thermostated burette, a mild cooler, and an auxiliary heater. It hats been/fully
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described by Schlyter . The calorimeter vessel and its attachments are
shown in Fig. 3-3 •
The temperature sensitive part of the resistance thermometer was a
nickel wire wound vertically on a cylindrical plastic support. The
cylinder was placed in a thin walled pyrex tube partially filled with non-
corrosive transformer oil. The top end of the shielding pyrex tube was
sealed with a paraffin plug. The thermometer was attached to a Wheat-
stone bridge circuit. The resistance box and rheostats of the Wheat-
stone bridge and the thermometer were shielded by Faraday cages in order
to eliminate parasitic currents. The thermometer was standardised by
Sohlyter against a high precision mereuiy thermometer.
A high-sensitivity mirror galvanometer, on a vibrationless mounting











acted as temperature indicator. A lamp containing a vertical, straight
inoadescent filament was used as the light source. The beam from this
lamp passed through a positive lens and an iris diaphragm, and was reflected
by the slightly concave galvanometer mirror. A sharp image of the incandes¬
cent filament was given on a linear s?ale at a horizontal distance of 460+1 cm.
from the galvanometer mirror. The middle point of the scale was in front
of the galvanometer. The reading of the light spot on the linear scale was
corrected to a circular scale.
Disturbances of the measurements, which can be caused by the sudden
occurrence of electromagnetic fields near exposed parts of the Wheatstone
bridge, were eliminated by the Faraday cages already mentioned. Thermal
voltages due to temperature differences between metal-metal junctions in the
Wheatstone bridge can also affect the measurements. Lange and Serga^^
voltages could be neglected if the soldered
found that variations in thermal/connections of the resistance thermometer,
which cause the effects, were kept at atmospheric pressure. In the bridge
circuit, thermal differences may be generated during a measurement and these
have their largest values just after the current is switched on. Thereafter
the temperature of the conducting wires gradually reaches a steady state thr
through heat exchange with the surrounding thermostated air. The rest-
position of the galvanometer light spot was found to vary just after the
current was switched on, but after 3 hours the light spot was stationary at
its rest-position. Thus variations in thermal voltages could be neglected
if the current was switched on at least 3 hours before measurements, were taken.
In practice, the current was switched on 10-12 hours (overnight) before the
start of a titration.
If, during titrations, a number of calibrations are carried out, the
heat capacity of the calorimeter and its contents can be calculated from
(66)
observed data and plotted in a diagram against the volume added from the
burette* This plot was found to be linear* Hence, temperature changes
caused by a heat of reaction can be converted to a well-defined number of
joules or calories evolved or absorbed.
The heat-generating part of the electric calibrator was a manganin wire
attached to a pyrex rod. The ends of the manganin wire were soldered to
copper wires and the heater was shielded by a thin-walled pyrex tube, partially
filled with non-corrosive ricinus oil. The top of the calibrator was sealed
with a paraffin plug.
The experiments were carried out in a room thermostated at 25.0+0.2°C.
The calorimeter and thermostating burette bulb were immersed in distilled
water thermostated to +O.OOVC. The temperature of water contained in a
glass vessel of similar design to the thermostated burette bulb and immersed
in the thermostat, varied within +0.002°C.
The calorimeter vessel was a Dewar flask of about 700 ml. capacity. It
was provided with a ground plexi-glass stopper, which contained ground openings
for the resistance thermometer, the stirrer, the burette, the cooler,and the
calibrator. The s topper was covered with a mercury seal about 5 om. thick
to ensure water-tightness. During experiments the oalorimeter was attached
to a stable ring-stand and totally immersed in the thermostat.
The stirrer was a pyrex rod fitted with two pyrex propeller blades at
its lower end. The stirrer shaft was partially surrounded by a plastic joint,
which could be fitted into one of the openings of the calorimeter stopper.
The top end of the stirrer was attached by a latex tube to the drive shaft of
an electrio precision motor. An asbestos sheet was placed between the
running motor and auxiliary devices to diminish the heat transfer from the
motor to the calorimeter.
(67)
A simple burette device was used to add a reactant to the solution in
the oaloriaeter. a 25 ml. burette was connected to a thermostated pyrex
bulb of about 50 ml. capacity. The bulb was connected to the calorimeter
by a ground joint and held in position by two steel springs. The calori¬
meter end of the glass tube was provided with a short glass capillary tube,
the *p of which had been treated with molten paraffin so that it delivered
very small drops of solution of the order of 0.005 ml.
It was found that, to keep uncertainties in the measurements as low as
possible, the temperature of the added reactant solution should not differ by
more than +0.02°G. from the temperature of the solution in the calorimeter.
By means of the air-dooler (see below) the temperature of the calorimeter
solution was adjusted as closely as possible to that of the thermostated
water immediately before each addition of reactant solution.
The reactant solution was brought to the temperature of the thermostated
water by the burette bulb. The bulb was totally immersed in the thermo¬
stated water (Pig. 3-3 )• In the measurements to be described 2 ml. in¬
crements of reactant solution were added to the calorimeter solution at
intervals of 20-50 minutes. The part of the solution in the burette stem
was thermostated by air and its temperature differed from that of the thermo¬
stat water by 0.4°C. at most. An addition of the burette solution to the
calorimeter resulted in the addition of 2 ml. of air-thermostated solution to
the top of the 50 ml. bulb. After 20 minutes the temperature difference bet¬
ween the solution added to the bulb and the thermostat water had decreased from
a maximum of 0.4°C. to 0.003°C.
The air-cooled used for reducing the temperature of the calorimeter
solution to 25°C. consisted of a U-shaped, thin-walled glass tube. It was
(68)
connected to a water pump and a pre-cooler, and sealed with latex joints and
a rubber- stopper. By means of the water pump, cold air, pre-cooled by pass¬
age round an ice-water mixture, was drawn through the cooler. The inlet tube
and exhaust pipe of the cooler were heat-insulated by asbestos yarn.
The method of operation is described in more detail in Section 4(b) •
3 (c) PQTBMT10MSTRIC PROCEDURE.
In studying complicated systems of complexes in solution, it is very
useful to keep activity coefficients constant, ao that the concentrations of
the various reacting species can be calculated directly from emf measure¬
ments etc. and the law of mass action applied using concentrations instead
of activities. The activity coefficients are controlled by using a support¬
ing electrolyte, usually a 1:1 salt of an alkali metal, in large exoess so
that the ionio composition of the medium is kept as constant as possible.
The composition of the medium may be varied slightly provided that either the
formal ionic strength or the concentration of the bulk ion of opposite charge
to the reactijoit of higher concentration is kept constant1^The back¬
ground salt should form either no complexes or very weak complexes with the
reacting species and it should contribute little to the property being studied.
Sodium perchlorate hi.s often been vised as the background salt; it is known
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to form weak complexes with some metals . Equilibrium measurements cannot
be used to distinguish between species with different amounts of solvent or
ionic medium and so the formula [BA] represents the sum of all possible
species with varying amounts of solvent, say water,and ionic medium, say
sodium perchlorate. Thus
[BA] = £1 X[BA(H20)x(Na+)y^|!0j+-)a] (3-1)
n
(69)
The constant ionic medium was used first by Grossmann^ and since
1940 it has been used in many investigations. For this work sodium
perchlorate was chosen as the inert medium and, except in copper (II) and
cadfinium (II) perchlorate solutions, the sodium ion concentration has been
kept at 3.00M in aqueous solutions and at 0.60M in 50& v/v dioxan -
water mixtures.
lx Aqueous aojutfrynp
A typical buffer had the following composition
Carboxylic acid = xM
Sodium carboxylate - yM ) solution St
)
Sodium perchlorate - (3-y)M )
Copper (II) and cadmi am (II) perchlorate solutions were prepared
as followss
Metal (II) perchlorate = xM
yM (to repress hydrolysis) ) sol£tion
)
Perchloric acid =
Sodium perchlorate - (3-2x)M )
Thus, in the metal solutions the perchlorate ion concentration was kept
constant at 3.00M,


















Bioxan is misible with water at all concentrations, but the
solubility of sodium perchlorate in dioxan is quite low. The solubility
of sodium perchlorate in the 505b v/v dioxan-water mixture at 25°C was
investigated. It is just possible to prepare a 0,7M solution of sodium
perchlorate in the mixture. It was decided, therefore, to use 0.60M
sodium perchlorate as the constant ionic medium in the 505& v /V dioxan-
water mixture. Thus a typical buffer in this medium had the following
composition:
Carboxylic acid = xM
Sodium carboxylate = yM
Sodium perchlorate = (0.60-y)M
Dioxan comprises 50/fa by volume
The complete cell used in the potentiometric measurements in the 50£ v/v

















For the cells (3-2) and (3-3) the relationship between the measured
potential E (in raV) and the concentration, h, of free hydro-jen ions is given
by
E » ♦ Ej - Tlnh - flnfaRT, (3-4)
(71)
The terra includes the difference between the standard potentials of
the electrodes, and the asymmetry potential of the glass electrode.
Ej is the liquid junction potential.
R is the gas constant.
T is the absolute temperature.
F is the Faraday.
COEFFICIENT
Oh is the activity/pf the hydrogen ion.
In a constant ionic medium, concentrations can replace activities and thus
at 25°C Eq(3-4-) may be written
E = E0 + Ej - 59.15 logh (3-5).
where E0 = eJ - |IlnjH (3-6).
The range over which Eq, (3-5) was valid for the glass electrode was checked
by using the cell
(-)




Equation (3-5) is valid for the quinhydrone electrode for pH418. Using
the subscripts g and q to denote glass electrode and quinhydrone electrode,
respectively, we have from 3q.(3-5)
Eg = E0(g) - 59.15 logh (3-8)
Eq 3 Eo(q) - 59-15 loSh (3-9)
Combining Eqs. (3-8) and (3-9)
Eg~Eq = Eo(q) ~Eo(g) = constant (3»10)
If the glass electrode behaves according to Eq.(3-5)» the potentiometer
should show a constant reading for acid solutions of pH^8 when both
electrodes are connected to it. In this experiment 0,1N hydrochloric acid
(72)
in the titration vessel was titrated against O.IK sodium hydroxide.
The reading on the potentiometer remained constant at 86,8*Q.lmY till
pH»9. Thus the glass electrode was behaving satisfactorily.
Before starting any titration E0 was found by titrating acid and
base of known concentrations. The method of titration varied slightly
depending on the type of equilibria under investigation. The E0
tended to drift slowly from day to day but usually this was not very
pronounced. For instance between 11/2/58 and 9/9/58 (93 determinations)
EQ drifted slowly, varying between 258.8 and 261.9mV.
Carboxylic acid equilibria in water.
17.50ml. of a perchloric acid solution of known concentration
(usually about 15mM) and 17.50ml of 3.00M sodium perchlorate were mixed and
titrated with a sodium hydrogen carbonate solution of known concentration
(usually about lOOmM). Between 2.00ml and 2.60ml of the sodium hydrogen
carbonate was added and readings of the potential taken at 0,4.0ml
increments at first and then at 0.20ml increments. From these measurements
E0 was calculated (see p. 75 ).
Buffer solution was then added in 0.0Sal. or 0.10ml. increments
at first, and then in increments such that there was an addition of either
50mM or lOOmM of A. Titrations were usually stopped when A = lOOOmM
though occasionally some titrations were stopped at lower or higher con¬
centrations.
Metal carboxvlate equilibria in water.
The method was similar to that above except that metal ions were
also present at a constant concentration.
(73)
17.50ml, of a perchloric acid solution of known concentration
(usually about 15mM) and 17.50ml, of a metal perchlorate solution of
known concentration and containing perchloric acid of known concentration
(usually about 2ml!) were mixed and titrated with sodium hydrogen carbonate
of known concentration. The sodium hydrogen carbonate was added in the
same increments as above. The metal ion concentration was held constant
by adding equal increments of a solution of copper (II) perchlorate twice
the concentration of that in the titration vessel. From these measure¬
ments E0 was calculated. The titration was stopped when the pH of the
solution was about 1 unit below that of the buffer to be added. This
buffer was then added in suitable increments such that E changed by a
few mV at a time. Equal increments of the metal perchlorate were
added. The titration was stopped when very large increments of buffer
produced only small changes in pH or when precipitation occurred.
Measurements in d^oxan-water mixture.
The methods used in the dioxan-water mixture were identical tewrm
those above except that in order to conserve dioxan, a smaller "Wilhelm"
salt bridge and a smaller titration vessel were used. All solutions
used contained 50% v/v dioxan. At the start of the E0 titration, in
the case of the carboxylic acid equilibria, the total volume in the
titration vessel was either 20.00ml. or 25.00ml. instead of 35.00ml.
The concentration of perchloric acid used was between l6mM. and 20mM,
15.00ml, being the usual volume taken. The other 5.00ml. or 10.00ml.
was 0.60M sodium perchlorate. The acid was titrated with sodium
hydroxide of known concentration (about lOOmM.), the alkali being added
in 0.20ml. increments up to a total of 2.40-3.0Qml.
(74)
In the metal carboxylate titrations the initial volume in the
titration vessel was 25.00ml» (12.50ml, of perchloric acid of known
concentration,l6mM,, and 12.50ml. of metal perchlorate containing a
known concentration of perchloric acid, 6-10mM,), This solution was
titrated with sodium hydroxide of known concentration (about 80mM»),
0,10ml. increments being added up to 1,00ml, The metal concentration
was kept constant as before.
Equilibrium was reached in all the potentiometric titrations
within the time required for mixing of the solutions (approximately
15 seconds). Potentials remained constant for at least 3 hours. In
all these titrations the glass electrode was not removed from the
solution between the start of the E0 titration and the finish of the main
titration. Titrations were usually carried out in duplicate.
End-point determination.
The equivalence point In a potentiometric acid-base titration
was determined in this work by Gran's method 198^ At the start of a
titration, the titration vessel contained Va®!* acid, concentration
Ch, which was to be titrated with alkali, concentration Cg. Let the
amount of alkali added be Ygml. and the equivalence point Vgral. Then
at any point during the titration,
h = °hWB
VVB (3-11)
At the equivalence point
58 (3-12)
and




E = E0+Ej - 59.15 logh (3-5)
It has been found-^ that in acid solutions in 3.00M sodium parchlorate
Ej = 16.5h 1 0.5 mV/mole (3-H)
while the present work has shown that in 0.60M sodium perchlorate in
50£ vfv dioxan-water mixture
Ej = 26.2h + 0.4- mV/mole (3-15)
E j is significant, therefore, only at pH<2, and could be neglected in
these titrations which were carried out at pH > 2.
As EQ in Sq(3-5) is unl nown, an arbitrarily chosen constant is
substituted. Re-arranging Eq(3-5) we have
O -E
h = 10 59-15 (3"16)
Combining Eqs.(3-13) and (3-16)
... "
£jO <*■»
(Va+V3)10 * s CB(Vg-VB) (3-17)
Thus a plot of (?A+VB)10 397TS against Vg will give intercept VE.
Calculation of E0
Nhen both CB and Cg are known, E0 can be calculated.
Combining Eqsj(3-5) and (3-11)
/VaCH-VBCB^
E0 = E+59.15 log^ VpVg / (3-18)
where Ej is neglected. Thus E0 can be calculated for each point in the
titration. In a titration 10-16 additions of alkali were made and the
corresponding values of £0» which should be constant during a titration,
were averaged. The experimental error in E0, calculated by this method,
is estimated to be *Q.2mV. A determination of EQ is shown below (Table 3-1).
(76)
Determination of the concentration of a sodium carboxylate by potentiometric
titration.
An example of the determination of the concentration of the stock
solution of a sodium csrboxylste by potentiometric titration is shown
below (Table3"2). After the determination of SQ, a known volume of the
sodium carboxylate was added to the titration vessel by burette.
Perchloric acid of known concentration (about lOOmM) was then added in
suitable amounts. At the encUpoint all the sodium carboxylate originally
present had been converted to the carboxylic acid. This method can be
used for determining the concentration of the sodium carboxylate in the








the concentration of the perchloric acid solution
added to the salt
the concentration of the carboxylic acid in the
titration vessel before perchloric acid is added
the concentration of the sodium carboxylate in the
titration vessel before perchloric acid is added
the concentration of perchloric acid in the
titration vessel at the end of the E0 determination.
This concentration is usually very small or
negligible.
the volume of perchloric acid added
the initial volume of the titration solution (i.e.
before perchloric acid is added).
(77)
Vf the total volume of the titration solution.
Then at any point during the titration
, Ti 7a





At the end point T1 ^ = 1.00, whence from Eq.(3-20)
CA = =H0104' |f - ^ *°H (3.2!)
When all the sodium salt has been neutralised the expression
on the right-hand side of Eq.(3-2l) reaches a constant value, which is
the initial concentration of the sodium carboxylate.
Analysis of sodium formate solution.
17.50ml. of lA.62mM perchloric acid and 17.50ml. of 3.0QM,
sodium perchlorate were run into the titration vessel and titrated
with 101.5mM sodium hydrogen carbonate. The Gran diagram is shown
in Fig. 3*4 and the calculation of E0 is shown in Table 3-1.
3.40ml. of stock sodium formate solution, of concentration
about 500mM was then added to the titration vessel and titrated with
100,5mM perchloric acid until the expression on the right hand side










The arbitrary constant Eq = 500
CH = 14.62ml'
CB .iHOHtl 5mM
VB vT E E*-E Ep-E
59.15~3
ml. ml. raV (VA+VB)10 WHPb 3+logh 59.15(3+logh) E0
0.00 35.00 211.0 289.0 2686 0.2559 0.8639 51.11 262.1
0.40 35.40 215.2 284.8 2308 0.2152 0.7839 46.38 261.6
0.80 35.80 220.8 279.2 1881 0.1746 0.6882 40.71 261.5
1.20 36.20 227.9 272.1 1439 0.1340 0.5685 33.63 261.5
1.60 36.60 237.2 262.8 1014 0.09341 0.4068 24.07 261.3
7 .80 36.80 243.9 256.1 784.7 0.07310 0.2981 17.64 261.5
2.00 37.00 252.2 247.8 571.2 0.05280 0.1544 9.13 261.3
2.20 37.20 265.1 234.9 347.6 0.03249 -0.0588 - 3.48 261.6
2.40 37.40 290.2 209.8 131.6 0.01218 -0.4872 -28.82 261.4
2.60 37.60 623.1
Average E0 » 261.5*0.3
The use of (3+logh) in columns 7 and 8 of Table 3-1 is for convenience.
The units of h have been changed from moles to millimoles, the latter
being more convenient to use when small concentrations of h are
involved. Thus whenever Eq(3-5) has been used in this work, the values

























































































































































































































The last six values in the L.H.S, Eq(3-21) column were considered
constant and the average value is 41.505. Using this figure, the
values of Jig in the last column of the table were calculated.
SECTION L
9mmi9 m m mm
(81)
1(a) POTENTIOMBTRIC TITRATION RESULTS.
It was soon evident from preliminary studies that the potential of
a glass electrode immersed in a particular carboxylate buffer was not
constant but was a function of the total carboxylate concentration.
This effect might be caused by any one or a combination of three factors
viz:
(1) a liquid junction potential between the solution in the titration
vessel, which was 3.00M with respect to sodium ions and to (perchlorate +
carboxylate) ions, and the solution in the J- tube of the salt bridge
which was 3.00M with respect to both sodium and perchlorate ions,
(2) a variation in activity coefficients during the partial exchange
of perchlorate for carboxylate ions.
(3) a real variation in hydrogen ion concentration.
It is considered that (1) and (2) are not major factors in the variation
of the potential for the reasons outlined below.
The well-known equation for the liquid junction potential derived
by Henderson has been put into a convenient form by Btlchi200.
HT D* - D' . L'
EJ = ~ F L" - L' ^L7 (4~1)
where D - ]T (Glli)cations " £ anions
** 3 ^1^1*1^cations + /EL ^1 J1 anions
» molar concentration
lj 3 ionic conductivity
Zi = ionic charge
The superscripts and refer to the solution nearer the negative and
positive poles of the cell, respectively. For the cell (3-2) used in this worlq
(32)
D" ^ 31Na+ " 31C10r
D ' ~ 31Na+ ~ (3-_CJA)1(
L" 31Na+ ♦ 31QIQa-
L' 31^a+ + (3-Ca)1(
CA = Q?aA^
CIO4- A A"*
Terms in h may be neglected as h 4 lCf"3M.
At best Henderson's equation is only approximate and calculated
potentials cannot be used to correct experimental results accurately,
Moreover the values obtained for Ej from Eq.(4-1) using limiting
conductivities are different in both magnitude and sign from those
obtained using values of the conductivities appropriate to the
concentrations of the constituents. For example, in a formate buffer
of Hh = 0,05, at A = lOOQmM the calculated liquid junction potential
is +0,9mV using limiting conductivities and -4.4mV using the conductivities
for this concentration. In a similar acetate buffer at A = lOOOmM the
values are +1.9mV and -2.3mV respectively20-*-. These values correspond
to an experimentally observed change in potential of about +8mV, It
would seem more correct to use the conductivities appropriate to the
concentrations of the constituents in the solutions rather than the
limiting conductivities. Thus although there is the possibility of a
liquid junction potential occurring, it appears to differ in both
magnitude and sign from the experimentally observed potential change.
In addition, the variation of potential with total acetate
concentration in a 3.00M sodium perchlorate medium is larger than
Sunden2°2 and Sonesson2°3 found for a 2.Q0M medium and larger still than
(83)
Fronaeus"^ and Ahrland20^ found for a 1.00M sodium perchlorate medium.
If the effect were caused by a liquid junction potential it would be
expected to be smallest in 3.00M sodium perchlorate and largest in
l.QQM sodium perchlorate.
A rough calculation based on Harned's rule^0^, and the fact that
not only the magnitude but also the sign of the variation in potential
depende on the ratio of acid to salt in the buffer, indicate that the
possibility of serious variations in the activity coefficients can be
discounted, Harned's rule states that the logarithm of the activity
coefficient of one electrolyte in a mixture of constant total molality
Is directly proportional to the molality of the other component, thus
X B 58 ~ "te (4-2)
where ^ = activity coefficient of electrolyte B.
$ jjj = molal activity coefficient of electrolyte B in a
solution containing only B.
ft
©CB = the slope of the plot of log ^ g against molality of
B at constant total molality.
mQ = molality of electrolyte C,
In the present case, the activity coefficient of the hydrogen ion
in the ionic medium is being considered. By a readily justifiable
extension of Harned's rule
log J H = 1°8 ft H " «*H,C104 "C104 " mA (4_3)
at constant ionic strength.
Then for 3.Q0M sodium perchlorate
logfcH = log jjg - 3«.H>ci04. (4^4)
(84)
and for a solution containing 2.00M sodium perehlorate and 1.0GM sodium
acetate,
103 i H = J H - 2 OC H,C10^"* 10CII,A (4-5)
Subtracting Eq.(4-5) from Eq# (4-4)
Alogfcn 3 * ^8,010^ + HfA (4-6)
where A log V is the change in the logarithm of the hydrogen ion activity" H
coefficient during a titration in which the initial and final solutions are
3.0014 sodium parchlorate, and 2.QQM sodium perehlorate +1.QCM sodium acetate
respectively. The values of OC may be calculated using a relationship developed
by Guggenheim20^* which for electrolytes of the same charge type takes the form
<*-jL#2* 3 0.5 (log + log 5 2^ ^7^
where the subscripts 1, 2 are the ions of the electrolyte.
Thus for a 3.00M medium
°*1,2 3 0,167 *l0S &1 * l0g (4-7a)
Combining Eqs. (4-6) and (4-7a) we have
A log <J H = 0.167 (log J J - log J £10i) (4_7b)
» 0.167 (0.206)
« 0.0344
This value corresponds to an 8$ change in jj or a change of potential
of -6-2.On?, which is much smaller than the change observed exp rimentally.
It is of the same magnitude, but opposite in sign, to the value of the
liquid junction potential calculated using the conductivities for the
concentrations of the constituents. Thus if there is both a liquid
junction potential and a variation in activity coefficients, the resultant
changes in potential from these two effects will almost cancel leaving a
(85)
small net change. Similar results are obtained when these calculations
are extended to the other three acids studied.
Therefore, as a working hypothesis, the observed variation in
potential has been ascribed entirely to a real variation in h caused by
polynuclear complex formation.
For each system was calculated at values of A up to A = lOOOraM
and On occasion at higher values of A. By definition, Kg is the average
number of protons bound to each carboxylate ion and it is calculated
using Eq.(l-6), (The term K^h""1 is negligible in the concentration
range studied). Values of H and A are known from the previously
determined concentrations of the acid and of the stock solution of the
sodium salt. From the measurement of E, h was calculated using Eq.(3-5).
Acetic acid.
Table VIA shows the full experimental data for a typical titration
of an acetate buffer. Tables V1B and VIC contain a selection of the
experimental data (fig, logh)^ for acetic acid obtained from the duplicated
potentiometric titrations of the acetate buffers. The values of log h
and njj were calculated using Eqs(3~5) and (1-6) respectively. The
results for A ^ lQQmM are in Table V1B and the results for lOOmM
are in Table V10. The experimental data (Hg, logh)A at A » 10 raM
and lOOOmM are plotted in Fig. 4-2
TABLE VIA
.
u ■ • • •• •• } *
Titration of an acetate buffer,
17.50ml. of lA.85mM perchloric acid and 17,50ml. of 3.00M sodium
perchlorate were mixed in the titration vessel and titrated with 101,5mM
sodium hydrogen carbonate. The end-point in this titration
(86)
was 2,56ml of sodium hydrogen carbonate. The total amount of
sodium hydrogen carbonate added in small increments was 2.50ml., and
EQ was calculated from this titration. Suitable increments of a
buffer with composition 1.996M sodium acetate +1.951M acetic acid were
added. All solutions used had made up to 3.00M with sodium
perchlorate.
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Experimental data (nH, logh)A obtained from potentiometric










A HH PH A % pH
8,397 0.057 6.225 12.09 0.091 5.975
12.58 0.055 6.244 16.10 0.091 5.985
16.75 0.054 6.256 20.10 0.092 5.992
20.91 0.053 6.271 24.09 0.092 5.997
25,06 0.053 6.271 28.07 0.092 5.999
33,32 0.052 6.271 32.04 0.092 5.999
a, 55 0.052 6.271 35.99 0.092 5.999




A hH PH A 5H PH
10.50 0.509 5.003 14.20 0.760 4.531
31,32 0.499 5.028 28.33 0.756 4.545
51.93 0.497 5.028 42.38 0.753 4.547
72.32 0.496 5.028 56.36 0.752 4.547





A %I pH A % PH A %I PH
8.767 0.163 5.696 10.60 0.239 5.507 11.85 0.317 5.336
17.49 0.164 5.711 21.14 0.244 5.507 23.64 0.323 5.336
21.83 0.164 5.711 31.63 0.246 5.507 35.37 0.326 5.336
26.16 0.164 5.713 42.06 0.247 5.507 58.64 0.327 5.336






A «H PH A % PH A HH pH
8.650 0.836 4.308 11.24 0.896 4.072 13.74 0.949 3.751
17.28 0.830 4.351 22.46 0.901 4.024 27.45 0,950 3.725
34.46 0.826 4.351 33.64 0.903 4.019 41.11 0.951 3.725
51.56 0.825 4.351 44.80 0,905 4.019 54.75 0.951 3.725
102.3 0.824 4.351 67.01 0.906 4.019 68.34 0.951 3.725





Experimental data (11^, logh)p obtained from potentiometric







A % PH A 5H pH
101.9 0.052 6.288 101.7 0.092 6.017
201.1 0.051 6.305 200,4 0.092 6.033
300.9 0.051 6.320 299.2 0.092 6.044
400.7 0.051 6.335 400.6 0.092 6.058
499.8 0.051 6.349 500,4 0.092 6,070
600.3 0.051 6.359 600.7 0.092 6.085
701.1 0.051 6.374 700.7 0.092 6.100
799.1 0.051 6.386 798.4 0.092 6.110
900.3 0.051 6.396 900.2 0.092 6.122







A Hr PH A % pH
97.51 0.496 5.035 97.85 0.750 4*548
199.8 0.495 5.040 198.8 0.750 4.550
301.3 0.495 5.050 302.3 0.750 4.552
401.7 0.495 5.057 401.6 0.749 4.555
500.8 0.495 5.064 503.0 0.749 4.560
602.0 0.495 5.071 600.3 0.749 4.564
701.0 0.495 5.077 699.2 0.749 4.565
801.0 0.495 5.086 799.1 0.749 4.567
901.4 0.494 5.091 899.8 0.749 4.569







nH pH A % pH A 5H pH
102.2 0.164 5.728 98.46 0.250 5.509 98.79 0.328 5.339
202.2 0.164 5.743 201.8 0.250 5.520 198.7 0.329 5.346
299.7 0.164 5.759 299.8 0.250 5.527 299.4 0.329 5.356
401.5 0.164 5.769 401.5 0.250 5.5a 400.3 0.329 5.367
502.9 0.164 5.781 501.8 0.250 5.554 501.2 0.329 5.377
600.5 0.164 5.794 600.4 0.250 5.563 601.6 0.330 5.387
699.6 0.164 5.806 701.0 0.250 5.576 701.4 0.330 5.395
799.4 0.164 5.816 799.1 0.250 5.588 800.1 0.330 5.407
901.1 0.164 5.830 901.2 0.250 5.596 901.3 0.330 5.419















































































































































Calculation of the acid association constant j2„
The value of pjf has been calculated in five ways.
(1) Bjerrurn's "half - n" method has been applied to Fig.4-1 for
A 4 10mM by the method described in Sec-2, p.33 , The value obtained
is log p * a 5.018.
(2) The curve (nH, logh) for A - lQraM fits exactly the normalised
curve for a single complex, Eq. (2-7), as shown in Fig. 4-1 . From
Eq (2-8), log a 5.018 ♦ 0.004.
(3) In tables 4-1B and 4-1C it can be seen that at low concentrations
of A, the values of nH and pH vary slightly but as the concentration
increases the values become constant. Finally the pH varies once more
and is a function of the total carboxylate concentration. The initial
slight variation is caused by the residual acid or alkali from the acid-
base titration for the determination of E0* This acid or base residual
concentration is very small but nevertheless affects the pH of a buffered
solution at low values of and A* However, its effect usually becomes
negligible at A > lOOmM.
Fig4.)ACETICC D MonoriueKorF rmoti nCurve
(90)
Where the pH of the buffer is constant at low concentrations
of A, it is possible to calculate log from the well-known equation,
pH » log -ft® + log CsaliQ - k
r" [acidj - h (4-8)
The values of log calculated for A ^ 50mM in the 10 buffers in
Table 4-1B are shown in Table 4-10, The average value of log is
5.014*0.009.
(4) The pH of the acetate buffers examined remains constant at least
up to A = 50mM. Therefore for A 4 50mM it appears that only the species
HA is present and the value of can be calculated by rearranging
Eq (1-9).







The experimental data at 50aM ware substituted in this equation and
the average of 51 results is log = 5.012*0.014.
(5) The experimental data logA(logh)- were fitted to a family of
normalised curves logA* (logh* )- , t> (see below). The value of
log obtained is 5.01*0,005.
-IT
The preferred value of log is that obtained by method (3),
i.e. 5.014*0.009.
(91)
Analysis of the experimental data when A ^ 5Qr,I'.
In Tables 4<-IB and 10 it can be seen that for 50mM ^ A 4 lOOOmM
the pH of a buffer varies with the concentration. The curves (nH, logh)^
for A > 50mM in Fig. 42 deviate from the mononuclear curve and this
indicates that there is polynuclear complex formation. Some idea of the
type or types of polynuclear species formed can be gained from the
intersection point of the functions (rig, logh)^, cf. Fig.4*2. This point
is at fig = 0.855^0.005 and all the curves intersect within these limits.
Intersection points have been noted in similar functions for some inorganic
polyacids 207, 208^
Suppose several polynuclear species HPA are formed, where P *>/ 1,r ^
Q > 1. It has been shown that if all the curves (fig, logh)A intersect
at a unique point (nc, hc), then !1 must be independent of a at that point.
Further if Q has only two values Q' and q" , and n.^ , fiU» are the average
number of protons for all species, fijpftn' and Spin" , containing
carboxylate ions, then there will be a point of intersection where
He = fiQ< = n^/t
If Q has more than two values it seems unlikely that all the functions
(nH, logh)A will intersect at the same point. However Bye2°9 has
suggested that the curves might intersect within a very small range of
i
values of h indistinguishable experimentally from a single point.
Carpeni believed that the intersection point indicated an equilibrium
between two polynuclear species only, rather than equilibria between
207 208
species of two different degrees of condensation ' , Therefore




In the acetic acid system, stepwise formation of complexes
higher than HA will lead first to H2A or HA2. Under the experimental
conditions used in this work, the formation of HgA would lead to a
value of 2g > 1 unless jB«* case ^orma'{;ion
curve would be "stepped" with a plateau at Sg = 1 , In this work
the value of rL tends to a maximum of unity and therefore the formation
of H2A appears unlikely. However, the formation of HA2 is much more
feasible. If HA and HA2 were the only species formed in the system
then the isohydric point would be 5q = 0.50, On the other hand if the
only species formed were HA and H2A2 then the curves would be more nearly
parallel and would coalesce at Rjj = 1. Acetic acid has an isohydric
point at Hjt = 0,855 and therefore the working hypothesis adopted was that





h 3 ;j(1-Hq)^,) (4-10)
and
n0 = n2 = ♦ #,2h
2ftl * 2P'iZa (<"U)
Substituting Eq(4-10) in Eq(4-ll)
(ow _i\ = ^C'^22
WP12 (4-12)
(93)
Setting R = A22
snE<D H
P " T12 (2-28)
and substituting in Eq.(4-12)
R = aci
2nQ (4^13)
The values of 1 and were obtained using the family of normalised
/12 i 22
curves, described in Sec. 2(b), Eq(2-23). It can be seen that various
values of R do not have to be substituted in an attempt to find the
family of curves which fits the data best since R can be found from the
isobydric point. In acetic acid - 0.855 and R = 0.415. The family
of curves log A*(logh*)_ „ with R ~ 0.415 is shown in Fig.4.3 with the
nH»n*
experimental data, logA(logh)- , represented by circles, superimposed innH
the position of best fit. Dp to the limit of experimental measurements,
the data fit the normalised curves with high precision.
In the position of best fit, when (logA*, logh*) = (0,0), (log A,
logh) = (0.34*0.03, - 5.01*0.005). Whence, using Eqs (2-24), (2-25),
and (2—28),
log ft % = 5.01*0.005
logpj = 4.67*0.03
log^= 9.30*0.03
It is now possible to ,calculate the equilibrium constants for the following
reactions,
HA + A HAg »« K^2
HA2 + H ?! ^2^2 K22





logK12 =l°$-^-l°gA(logA« = o, logh*=0) = -0.3440.03
logK22 * logj£| - U8jS|| = logH ♦ log^JJ = 4.63*0.01
logKD - logjS^-21og^ = -0.73i0.03.
An attempt was made to fit the experimental data to the
combination of species, HA, HA2, H2A^j £ Sec. 2(b), Eq(2-44)J * and to the
combination HA, HA^ HA^, £sec. 2(b), Eq-(2-52)J . The experimental data
fit the families of normalised curves for these combinations fairly well
at Hfi < 0.2, but at higher values of Htj, no fits can be obtained. Hence,
there is no evidence for the existence of the additional species HA^ or
H2A^ in appreciable concentrations.
The proportions, °^p,q, of the various species present in solution
have been calculated.
Ot a q Lhhkl
W A (4-14)
i.e. o£ is the proportion of carboxylate in the different species,Pm
HpAq. Thus
<*, = JB OC = 6*3 Ot = 2**1 I ' 11 A 12 A
^ 2 [H2Aj
22 A (4-15)
The value of a may be calculated from the mass-balance equations, Eqs.(2-15)











Combining Eq.(4.-17) and tha relationships (4-15)
0(1 =^
o( = -S&LL > —2—
2^H2A 2K12A
(X. = A?ii _
22 2B??A 2K12A1
(4-18)
In the calculation of W, Eq.(4.-17), % was read from the appropriate
formation curve, within the limits of the experimental measurements.
Outside these limits nH was estimated using the theoretical curve for
the formation of one complex only, Cf. Eq.(2-7). This method of estimation
seeniS justified because the shape of the acetate formation curve for
A^lOOOmM at 0,05^ nH 0,10 and 0,90 4. njj ^ 0,95 is very similar to
that of the formation curve for one complex. It was assumed, therefore,
that the similarity between the curves continued for Hij ^ 0,05 and
•'# ■
Hr >0,95, The values of ®Cpq have been plotted against pH for A = lOmM
and A = 700mM, These plots are shown in Fig, 4-4 .
Formic acid.
The experimental data (Hjj, logh)^ for formic acid are summarised
in Tables 4-2A and 4-28. Duplicate titrations have not been tabulated.
F'9-4-4ACETICACID RelativeproportionsfthspeciesHpAqpres ntinsolutioatA-7QOmM.
(96)
The data for A^ lOOmM are given in Table 4-2A and the data for
100mM<r A< 1000mM in Table 4-2B. The corresponding formation curves
are drawn in Fig. 4»2. The data were analysed in a similar manner to
the acetic acid system.
TABLE A~2A
Formic acid
Experimental data (Sjj, logh)A obtained from potentiometric titrations of








A SH pH A SH pH
8.325 0.029 5.279 9.105 0.118 4.775
16.61 0.036 5.258 18.16 0.121 4.751
41.19 0.040 5.252 36.13 0.123 4.741






A % pH A pH
9.783 0.655 3.636 12.59 0.847 3.157
19.54 0.656 3.615 25.14 0.841 3.176
58.31 0.664 3.602 50.14 0.838 3.184
96.67 O.665 3.600 99.76 0.836 3.188
655.4
3000












































Experimental data (ng, logh) obtained from potentiometric titrations ofii











A bH PH A hH pH
101.0 0.042 5.258 101.9 0.124 4.750
199.3 0.042 5.270 201.9 0.125 4.760
301.7 0.043 5.284 299.9 0.125 4.773
400,4 0.043 5.296 399.3 0.125 4.780
501.4 0.043 5.306 499.2 0.125 4.792
600.5 0.043 5.319 599.0 0.125 4.800
700.1 0.043 5.328 700.9 0.125 4.810
799.1 0.043 5.336 801.1 0.125 4.821
898.9 0.043 5.348 899.2 0.125 4.827




A % PH A
mm
nH PH
96.67 0.665 3.600 99.76 0.836 3.188
200.1 0,o6? 3.592 197.4 0.835 3.189
300.6 0.667 3.592 304.9 0.834 3.178
398.4 0.667 3.5S8 398.3 0.834 3.174
502.0 0.667 3.587 501.0 0.834 3.171
602.5 0.667 3.587 601.6 0.834 3.162
700.1 0.667 3.585 699.8 0.834 3.159
802.7 0.668 3.583 806.4 0.834 3.156
902.2 0.668 3.583 900.1 0.834 3.147


































































































* Buffers 2a and 3a are additional buffers of similar composition to buffers
2 and 3. Buffer 2a has ng = 0.158 and buffer 3a has njj = 0.200,
_ H
The value of p^ was calculated by the following methods,
(1) The curve (nq, logh) for A^ lOmM fits exactly the normalised curve
for a single complex, Eq-(2-7), and from £q.(2-8), log = 3.900*0.004.
(2) Where the pH of a buffer is constant at low concentrations of A,
logf ® has been calculated using Eq.(4-8). The values of log^S,, at
A^, 50mM for the 9 buffers in Table 4-2A and two additional buffers with
Sg - 0.200 and Bg = 0.158 are shown in Table 4-2G. The average value of
log-jg^ is 3.900*0.005,
(3) The value of logjB,^ calculated using the curve-fitting method
based on the postulate that the species HA, HAg, and H2A2 are present is
3.90*0.005 (see below).
jr\ H




NormalisedcurveslogA*(logh*)_̂ ^gc cu atedu ingEq.(2-23)H*
(99)
For A > 50mM the formation curves do not coincide with the
calculated curve for a single complex only. In formic acid there is an
isohydrie point at » 0.6140.01 and the working hypothesis adopted was
that the species HA, KL^and H2A2 are formed. The value of R obtained
from Eq.(4-13) is 0.18. Up to the limit of the experimental measurements,
the data logA(logh)- fit the family of normalised curves log A*(logh*)„
BH ng, R,
calculated using Eq(2-23) with R = 0.18, with high precision (Fig. 4-5 ).
The values of the various equilibrium constants are given below.
In the position of best fit, when (log/* logh*) » (0, 0.) (log A, logh) »
(0.5040.04, -3.9040.005). Whence
log#** * 3.90 4 0.005 log K-^ » -Q.50 ± 0.04
l0SPl2 S 3*A° 1 °*°A l°g K22 = 3.16 4 0.01
log^H = 6.56 4 0.04 log % = -1.24 4 0.04.
1 22
The values of oC^ have been plotted against pH for A =5 lQmM and
A » 700mM. These plots are shown in Fig. 4- 6 •
Propionic acid
A selection of the experimental data (!^j, logh)A for propionic acid
is given in Tables 4-3A and 4»3B. Duplicate titrations have not been
tabulated. The data for A 4 lOOraM are given in Table 4-3A and the data
for lOQmM 44 lOOOraM in Table 4-3B. The corresponding formation
curves are drawn in Fig. 4-7 .




Experimental data 0%, logh)^ obtained from poteritiometrio titrations of
propionate buffers at A 4 IOObM. Duplicate titrations have not been tabulated.
Buffer 1 2 3
HA mM 321.5 747.9 1269
NaA raM 3000 3000 3000
A % pH A SH pH A % pH
8.810 0.076 6.247 9.941 0.190 5.784 11.32 0.289 5.547
17.57 0.086 6.156 19.83 0.195 5.779 22.59 0.293 5.544
26.29 0.090 6.141 29.67 0.197 5.769 33.79 0.295 5.530
3^96 0.092 6.141 39.45 0.197 5.759 44.94 0.295 5.530
43.59 0.093 6.141 49.19 0.198 5.759 99.80 0.296 5.5U




A % pH A % pH A PH
10.10 0.725 4.744 15.53 0.815 4.523 19.90 0.888 4.283
20.18 0.731 4.722 23.26 0.816 4.513 39.70 0.886 4.280
30.23 0.733 4.721 30.97 0.820 4.503 59.42 0,885 4.280
40.25 0.734 4.711 46.34 0.822 4.491 79.05 0.885 4.280
50.25 0.735 4.711 61.62 0.823 4.491






A % pH A pH A % pH
13.25 0.391 5.351 19.28 0.579 5.023 9.958 0.668 4.832
26.43 0.395 5.345 28.89 0.582 5.018 19.89 0.666 4.866
33.00 0.396 5.343 38,47 0.583 5.010 29.80 0,665 4.866
39.54 0.397 5.336 57.55 0.585 5.010 39.67 0.665 4.866
52.59 0.397 5.336 104.8 0.586 5.012 49.53 0.665 4.871
97.70 0.398 5.343 59.35 0,665 4.875
78.93 0.665 4.876
88.68 0.664 4.878
10 •11 12 <
6995 5053 4937
800.2 250.0 125.1
A % pH A Hll pH A ®H pH
10.35 0.882 4.293 14.10 0.952 3.857 13.48 0.974 3.583
20.68 0.889' 4.249 21.13 0.953 3.855 26.89 0.974 3.571
30.97 0.892 4.2a 28.14 0.953 3.855 40.22 0.975 3.570
a. 24 0.893 4.237 55.97 0.953 3.855 53.49 0.975 3.570
51.49 0.894 4.231 97,18 0.953 3.855 66,69 0.975 3.570







Experimental data (Eji, logh)A obtained from potentiometric titrations of







A % pH A % pH A % pH
98.57 0.095 6.144 101.8 0.199 5.771 99.80 0.296 5.541
199.3 0.096 6.161 198.3 0.199 5.786 200.2 0.297 5.558
301.2 0.096 6.176 302.4 0.199 5.803 300.8 0.297 5.566
400.1 0.096 6.193 400.6 0.199 5.818 401.2 0.297 5.581
499.2 0.096 6.208 500.9 0.199 5.833 501.1 0.297 5.598
600.6 0.097 6.225 602.3 0.199 5.850 600.1 0.297 5.610
700.6 0.097 6.240 701.0 0.199 5.865 698.1 0.297 5.623
801.1 0.097 6.257 799.8 0.199 5.880 798.4 0.297 5.640
898. 8 0.097 6.273 901.0 0.199 5.891 900.4 0.297 5.654




A % pH A »H pH A % pH
99.84 0.736 4.714 99.48 0.824 4.491 118.1 0.885 4.280
197.1 0.736 4.722 202.9 0.825 4.493 195.0 0.884 4.283
301.2 0.737 4.729 302.7 0.825 4.499 233.0 0.884 4.285
402.4 0.737 4.741 399.0 0.825 4.506 270.7 0.884 4.288
596.7 0.737 4.756 600.8 0.826 4.518 326.5 0.884 4.293
698.3 0.737 4.765 699.2 0.826 4.525 381.7 0.884 4.297
797.0 0.737 4.775 799.8 0.826 4.531 560.4 0.884 4.305
900.8 0.737 4.783 902.2 0.826 4.538 731.9 0.884 4.315
976.5 0.737 4.793 1000.4 0.326 4.545 896.3 0.884 4.325
1001.5 0.737 4.792 1054 0.884 4.334
1128 0.737 A. 807 1206 0.884 4.340
1272 0.737 4.822 3.33^ 0.884






A % pH A % pH A % pH
97.70 0.398 5.343 104.8 0.586 5.012 88.68 0.664 4.878
197.8 0.399 5.355 197.5 0.587 5.022 156.2 O.664 4.883
299.7 0.399 5.367 296.7 0.587 5.034 287.6 0.664 4.898
397.5 0.399 5.380 401.9 0.587 5.042 378.6 0.664 4.908
502.0 0.399 5.395 5 03.9 0.587 5.054 467.3 0,664 4.915
601.8 0.399 5.410 602.9 0.587 5.066 553.8 0.664 4.927
697.3 0.399 5.419 699.0 0.587 5.076 720.5 O.664 4.944
798.2 0.399 5.434 800.1 0.587 5.088 880.3 O.664 4.959
898.9 0.399 5.449 847.5 0.587 5.096 1030.8 0.664 4.974










A % pH A % pH A «H pH
102.3 0.896 4.227 97.18 0.953 3.855 99.34 0.975 3.568
202.0 0.897 4.229 204.0 0.953 3.860 194.9 0.975 3.570
299.1 0.897 4.232 300.2 0.953 3.864 292.9 0.975 3.570
403.0 0.897 4.236 398.9 0.953 3.871 392.7 0.975 3.573
504.2 0.897 4.244 499.6 0.953 3.876 494.0 0.975 3.576
602.6 0.897 4.249 601.8 0.953 3.879 590.9 0.975 3.582
698.4 0.897 4.256 699.8 0.953 3.884 688.9 0.975 3.587
800.0 0.897 4.261 798.8 0.953 3.889 787.5 0.975 3.590
898.7 0.897 4.266 898.6 0.953 3.894 886.3 0.975 3.593
1002.6 0.897 4.273 998.7 0.953 3.898 989.5 0.975 3.598
Fig47




Values of log "g jj calculated from the pH of buffers at A 4 JMI using Eq. (4^-8).
Buffer logjg Buffer
1 5.171 7 5.159
2 5.155 , 8 5.165
3 5.157 9 5.157
4 < 5.159 10 5.164
5 5.163 11 5.161
6 5.161 12 5.154
TJ
The value of p,, was calculated by the following methods*
1. The curve (TSjj, logh) for A 4 IQmM fits exactly the normalised curve
for a single complex Eq, (2-7), and from Eq. (2-8) the value of log^1 =
5,160*0.005.
2. Log^j* has been calculated using Eq. (4~o) for each buffer at low
concentrations of A. The values of 1««fS atA< 50mM for the 12 buffers in
- -
> - . c H
Table 4-3A are shown in Table 4^3C. The average value of log is
5.161*0.006.
3. The value of log ^8* calculated using the curve-fitting method based
on the postulate that the species HA, HAg, and B^A^ are present is 5.16*0.005
(see below).
The preferred value of log^ is that calculated by method (2)
i.e. 5.161*0.006.
The data for A > 50raM have been interpreted and analysed in a similar
manner to the data for formic and acetic acids but the formation curves show
no isohydrie point. Postulating, as before, that the species HA, liA^,and K2A2
■Fig4-8 OExperimentalData Normalisedcurv s
PROPIONICACin '°gA(logh)_ *x
'°9A(IC>9 ,R-070CalCUlatedEq.(2-23).
-toH LogA -20H -30
-1-5
(103)
are formed, the experimental data log A (logh)_ were fitted to curves
m
log A (logh*) calculated using Eq, (3-23) for various values of R,
The best fit was obtained with the family of curves calculated with
R = 0.70*0.05 but it can be seen in Pig,4-8 that although the experimental
data fit with high precision for A ^ 7Q0sM, at higher concentrations the
experimental data deviate from the calculated curves. Decreasing or
increasing R does not improve the fit. The constants calculated are given
below. For A 4 700aM, in the position of best fit when (logA * , logh * ) »
(0,0), (logA, logh) » (0,35*0,03, - 5.16*0.005), whence
log£« * 5.16*0.005 log Kjj) - -0.35*0.03
log#!2 = A. 81*0.03 log Sg2 3 5.01*0,03
1°s'p22 3 9.83*0.04 log % ~ -0,50*0.04
The values of °^pq have been plotted against pH for A aft lOaM and A » 700mM.
These plots are shown in Fig. 4-9
The reason for the experimental data at A > 700mM not fitting the
calculated curves precisely may be the formation of higher species than H2A2.
A reasonable postulate appears to be that HgA^ is the next higher species
formed thus:
ILjAg+A ^ EjA- (4-19)
The mass-balance equations, Eq. (3-16) and Eq. (3-19) may be extended,
A * a * f ^ha + 2^ha2 ♦ 2^h2a2 «• (4-20)
AHg = ^ha + fi^2 * 2^h2a2 4. 2 (4-21)
Fig4-9PROPIONICACID
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' 23 3h2a3 (4-22)
Substracting Eq,(4-21) from Eq,(4-20) wa have
A(Wfe) = a * fyj + pl3h2a3
in which a andj^ aro unknown. The values cf a and^S^ were obtained by
susceaaive approximations using Eqs,(4-22) and (4-23), The method can
only be used in the concentration range where HgA-jj is likely to exist in
appreciable concentration i.e. A ^ 700mM and %j> 0.3. The calculated
r • •
values of^?3 were found to increase with acidity. The most reasonable
explanation of this phenomenon is that the neutral triraer also existsj
neutral species such as IIA and I^Ag predominate in solutions of high
acidity whereas the amounts of charged species like A and HAg are relatively
small (cfs Fig, 4-9 )• The appropriate modification of Eq,(4-22) is
H H llha""2 ftl2ha2~2fi22h2a2
?23 * '?33h " 3h2a3 (4-24)
H
Thus a plot of the right-hand side of Eq, (4-24) against h gives m intercept
and'p^ &B sl°P®« The value of snd ^ jj may also be calculated by
successive approximations using Eq.(4-23) and Eq, (4-24), Both these methods
give the following values
Log ^ ^ =: 9.8*0.2
Log ^33 3 14.5*0.4.
m*
fleMfflSU a<4d«
A selection of the experimental data (n,.js logh)A for butyric acid
is given in Tables A and 4,-4B. Duplicate titrations have not been
tabulated. The data for A 4 lOQmM are given in Table 4*-4A and the data
for lOOmM ^ A ^ lOOOmM in Table 4-4B. It can be seen that the potenttometric
measurements did not extend beyond % « 0.78. The buffer at this point
had an acid to salt ratio of about 5 to 1. Attempts to prepare concentrated
buffers with a higher acid to salt ratio in the 3.Q0M sodium perchlorate
medium were unsuccessful owing to the insolubility of the acid in the salt




Experimental data (aH, logh)^ obtained from potentioraetri©
titrations of n-butyrate buffers at lOOiaM. Delicate







A *H pH A %
8.331 0.027 6.695 8.945 0.084
12.48 0.033 6.602 17.84 0.097
16.62 0.036 6.563 22.27 0.100
20.75 0.039 6.533 26.69 0.102
24.86 0.040 6.524 35.50 0.104
33.06 0.041 6.507 44.25 0.105
41.22 0.042 6.472 52.97 0.106


































A % pH A % pH
9.514 0.135 5.946 10.48 0.223 5.667
14,25 0.144 5.906 20.90 0.232 5.650
18.98 0,149 5.847 31.27 0.235 5.645
28.38 0.153 5.847 a. 59 0.236 5.625
37.75 0.156 5.847 51.85 0.237 5.625
47.07 0.157 5.847 102.4 0.239 5.632
74.72 0.159 5.852 -




A 3M PH A % pH
15.61 0,648 4.870 22.27 0.763 4.626
31.13 0.654 4.853 18.38 0.770 4.613
46.57 0.656 4.849 24.48 0.773 4.596
61.93 0.657 4.846 36.62 0.777 4.575






Experimental data (B„, logh)^ obtained from potentioraetrio titrations
of n-butyrate buffers at A ^lOOmM, Duplicate titrations have not
been tabulated.
Buffer 1 2
fjljQ wM HO. 8 372.2
[NeA] mM 3000 3000
A *H pH A % pH
101.1 0.043 6.480 100.1 0.108 6.061
199.5 0.044 6.499 202.3 0.109 6,082
302.0 0.044 6.523 302.1 0.110 6,102
400.8 0.045 6.548 399.3 0.110 6.127
m.9 0.045 6.570 500.3 0.110 6.U9
601.1 0.045 6.595 600.7 0.110 6.174
700.8 0.045 6.619 700.0 0.110 6.198
800.0 0,045 6,644 800.3 0.110 6.222
899.9 0.045 6.668 900.6 0.110 6.247






A % pH A % pH
101.6 0.383 5.343 102.5 0.501 5.128
199.0 0.384 5.363 201.6 0.502 5.145
304.0 0.384 5.382 297.4 0,502 5.162
404.4 0.384 5.400 397.2 0.502 5.179
500.4 0.385 5.421 500.3 0.502 5.199
602.4 0.385 5.444 599.7 0.502 5.223
699.8 0.385 5.465 701.8 0.502 5.243
801.8 0.385 5.487 800.2 0.503 5.263
899.1 0.385 5.512 900.8 0.503 5.285




A "H pH A % pH
92.92 0.159 5.852 102.4 0.239 5.632
181.1 0.161 5.869 199.5 0,240 5.656
265.0 0.161 5.887 300.9 0.240 5.678
344.8 0.161 5.904 401.2 0.240 5.698









A nH pH A % pH
99.97 0.658 4.843 102.3 0.781 4.575
20 3.9 0.659 4.856 200.1 0.783 4.586
304.2 0.659 4.873 299.3 0.783 4.599
401.0 0.660 4.888 399.2 0.783 4.613
501.0 0.660 4.905 499.5 0.783 4.628
597.5 0.660 4.922 599.8 0.784 4.645
702.7 0.660 4.946 699.8 0.784 4.660
797.9 0.660 4.964 799.1 0.784 4.677
901.0 0.660 4.983 901.6 0.784 4.694






























The formation curves are drawn in Fig# 41 . The value of "p ^ was
calculated by the following methods,
1. The curve (ng, logh) for A 4- lQraM fits exactly the normalised curve
for a single complex Eq, (2-7), and from Eq.(2-8) the value of log p ^x =*
5,130^0,005.
2. Log'B^i has been calculated by Eq. (4>~8) for each buffer at low
concentrations of A, The values of 50raM for 11 buffers are
TJ
shown in Table ,4-40, The average value of log ^8 £x 5,132^0,007,
?!
3. The value of log "p'xi calculated using the curve-fitting method based
on the postulate that the species HA, HA-, and J^Ag are present is 5,13^0,005
(see below).




Ae in the other acids the formation curves for A > 5QnM do not coincide
with the calculated curve for one complex and the data have been analysed and
interpreted in a similar manner to the propionic acid system. There is again
no isohydric point but It was postulated that HA, Big i and ^Ag are the only
species formed and families of normalised curves (logA * , logh *)„ _ for
this postulate were calculated for various values of R using Eq, (2-23).
It was found that the experimental data (logA, lagh)_ fit the family of curves
»H
with R » 0,95^0.05 with high precision for A ^ 7QGmM (Fig. 4-10)* For
700mM A^ lOOOsaM the experimental data do not fit the calculated curves
precisely. The best fit for A< 700aM ia obtained when (logA*, logh*) -
(0, 0) and (logA, logh) « (0.24i0.03, -5.13^0.005), whence
l0glSll = 5.13^0.005 logK12 = -0,24—0.03
l0Sfil2 " 89*0.03 1°SK22 = 5.11-0.03
log$2 a 10.OG40.OA logKD a -0.264u.0A
The values of oC have been plotted against pH for A » lOmM and
pq
A » 700mM. These plots are shown in Fig. A- II .
The data for 700mM ^ A 4 1000mA have been interpreted in the same
way as the propionic acid system. However, the interpretation proved even
more difficult in this case as there were no data at > 0,78 or at
H
A > lOOOmM. The values of ^ endKjj have been obtained both by successive
approximations and graphically, using Eqs, (A-23) and (A-2A). Both methods
give the following values
log 23 = 10*3i0'2
1«S^33 * 15.040.3.
Fig4-Hn-BUTYRICACID RelativeproportionsfthespecH Aqr se tinsolutiontA=700mM
(110)
A(bl CALORIMETRIC TITRATION RESULTS.
Certain preliminary operations were carried out on the day before a
calorimetric titration. Solutions were introduced into the calorimeter and
burette. The burette, cooler, calibrator, and stirrer were fitted to the
calorimeter stopper, and the resistance thermometer was suspended in the
thermostat water. The measuring current was switched on, and after at
least three hours the bridge voltage, Ew, and the position of the light
spot, m, were recorded. If necessary, m was brought close to the mid¬
point of the galvanometer scale by adjustment of one of the resistances
in the Wheatstone bridge. The value of m was then recorded every 30 seconds
during 15 minutes and plotted against time. Simultaneously, the constancy
of the thermostat bath temperature was checked with the standard mercury
thermometer. From these data, it was possible to estimate a good average
value, raa, of the thermostat temperature, expressed as a reading on the
galvanometer scale. The mirror galvanometer was then switched off from
the bridge circuit, The resistance thermometer was removed from the
thermostat bath, carefully dried with filter paper and fitted into the
Devar. The plexi-glass stopper was sealed with mercury and the calorimeter
placed in the thermostat. The stirrer was started and the battery,
B2 (Fig,4* 12), was connected to the potentiometer. The switch, 5A, was
put in the blank resistance and no galvanometer was connected to any
circuit. The apparatus was left overnight for 10-12 hours.
Heat generated by the resistance thermometer during the night caused





E^andB-^Leadstoragebatteries(about2V)R^R sist ncfhman aninwi e,CD SC=Standardcell(IOI850V)~RQ=Blankresistance to Wheatstone bridge to 5,1 L0Ju ■nM % Multiflex*10005ft98 -2fi o o oPotentiometer B. SC
(Ill)
This temperature was reduced by the cooler to a value corresponding to
es = 37-41cm on the scale. About 10 minutes later three consecutive
calibrations were started. The calibration current was generated by a
2-volt lead storage battery, B3, which was switched on 10-12 hours before
the start of the calibration when its voltage was stable. The position,
m, of the galvanometer light spot was observed every 30 seconds during
5-7 minutes, during which tiiae the battery was not connected to the
calibrator. Times were measured by a double-pointer stop-clock. The
battery was then connected to the calibrator, by means of a switch, for
3 rinutes. During this time the potential difference, Eg, was measured
very carefully at least four times. The battery was switched out and m
observed once again during 5-7 minutes. The temperature rise caused by
the calibration heat could be evaluated graphically.
The main enthalpy titration was then started. The Bewar contained
about 225 ml. of solution Initially and during the titration twelve 2 ml.
portions were added by burette. Before every addition, m was adjusted by
the cooler and calibrator so that (ra-%) was as small as possible. The
value of m was observed for 5-7 minutes. After an addition the value of
m had changed considerably and it was once more observed for 5-7 minutes
(Fig. 4.13). The correct value for Am, the change in a due to the addition,
was graphically evaluated from the observed data by the method shown in Figs,
4*14 & 4.15. Using Figs, 4-16 & 4-17 the value of AjJU, the value of Am
corrected to a circular scale, was obtained. When the 12 additions had been made,
another three or four calibrations were carried out. When the titration was
finished the mirror galvanometer was switched off and the Dewar brought above the
level
Fig413 Variationofc lor metertemperaturedu ingthr ecalibrationsdtwadditi nsoft tt Q=CalibrationCo lingR=eactionh atvolvedC rrCorrectionwithalib ator
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HS=Linear,horizontalgalva ometersc l withtherange0-200cm. JT=Circulars ale^radius=MGs»P'g). PG=Beam,refl ctedb/thgalvanometermirror. M=iddlepointfHSandJT.
m-Position(icm.)oftheILght sp t,P,onHS =̂Position(incm.)fP'ojt. w-AnglePGM(inradians).
s=Scaledi t nceMG=(480±l)cm. AnglePMG=90° Forw=0,mjj=100cm.
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(112)
of the thermostat water. The mercury was removed by suction and the
resistance thermometer was placed in the thermostat water. Finally, the
mirror galvanometer was switched on in the bridge and to check the value
of ma, m was recorded every 30 seconds during 15 minutes and plotted
against time. Each titration was repeated next day.
Calculation of results.
The thermometer resistance, Rj (in ohms), was compared with the
temperature, t, indicated by the standard thermometer and the following
equation was found to be valid for temperatures between 24.0 and 25.2°C,
% = (114.4300^0.0009) + (0.5660^0.0029) (t - 25.000)
Eq. (4-25).
= internal resistance in 52) of the mirror galvanometer
I* = current (in A) through the galvanometer branch
Ey = bridge voltage (in V).
193
Schlyter has derived the following equation for the current, Iq,
Ew(RQ^% - Rq2%)
Setting Rqi = Hq and
^02 = F«c + e (4-27)
(113)
the value of e is of the magnitude of 10~■2Jl and is negligible compared
to Rq 100 .52 , R^ luSl t and R^. ~ 515 St . Hence, when the
terms (4-27) are substituted in Eq. (4-26) e can be neglected in the
denominator and Eq. (4-26) simplifies to
t = Ew^-Rp-Rjje/Rs)
±G "
2%) (2Rq+RQ+RJ)) + (P^-%) (2Rg+EC+2Rd)
(4-28)
Schlyter has shown that the denominator in Eq. (4-28) can be included in a
proportionality constant and
= const. »Ev (Rj-Rj) -Bpe/l^) (4-29)
At the rest-position of the galvanometer light spot = 0) the value of jjL
is jj, 0 and the difference (jut-|£0) is proportional to I5. Then
P^o = CQ *EW* (RT-ED-RDe/Rc) (4-30)
where Gq is a constant, the value of which was found by temporarily
replacing the resistance thermometer with a known constant resistance, Rq^.
Several measurements with two different resistances where
Rp =RC3^114.& and A RD & 0.1 52. , were made. Then
|Ap| = CG *Ew* ^rD (4-31)
Hence, Cq may be calculated. During enthalpy titrations, Hp was kept constant
and hence Eq. (4-31) may be written
Ap. = Cq *Ey. A% (4-32)
Differentiating Eq.(4-25)
A% = (0.566ot0.0029) At. (4-33)
(114)
Assuming the change to be entirely due to a certain temperature
change /\t, ue find, by combining Eq. (4-33) and the numerical value of
Cq with Eq. (4-32)
At = 2.198 X 10""3 • AjU, - (E^)"1 (4-34)
The observation error of any temperature change was calculated!1^ to be
&At- * 6.2 X 10"5 degrees and (4-35)
the galvanometer sensitivity for the scale distance 480cm., 4.3 x lO-l^A/mm,
(4—36).
In the calibrations the heat produced was calculated"^3 to be
q a (S)2 ,TC • 6.2087 X 1(T2 cal. (4-37)
where Tc = time (in seconds) of calibration
"3 = Eg at the middle point of the calibration.
The heat capacity, C, of the calorimeter and its contents
f — s
At (4-38)
If the heat capacity of the calorimeter and its contents is plotted against
the volume of solution added from the burette a straight line is obtained.
Thus temperature changes caused by any heat of reaction can be converted
into the number of calories evolved or absorbed. The variation in temperature
of the calorimeter and its contents during a calibration and subsequent
titration is shown in Fig. 4- 13 .
Six titrations were carried out as follows:-
(115)
Burette so^tlpft
1(a) and 1(b) 9.89714 acetic acid ♦ 2.00M NaClO^
2(a) and 2(b) 9.897M acetic acid + 3.QQM NsClO^








At the start of ©very titration the volume of solution in the calorimeter
was 224.74 ml. In titrations 1(a), 1(b), 2(a), and 2(b), Bp * 115.53Si.
















































































































































Table 4-5 shows a typical set of data for the calculation of the
heat capacity of the calorimeter and its contents. Points 1-3 were taken
before, and points 16-21 after the main enthalpy titration. The values of
1 were obtained from graphs of the type shown in Fig, 4"" 18 $ which refers to
point 1, The values of Eg during the calibration are plotted against timej
the data for point 1 are shown in Table 4-6,
TABLE 4-6
Titration 1(b), calibration point 1









From Fig* 4-18 ® is 1,01927V. The value of may now be calculated
using Eq, (4-37), The plot of m against time is shown in Fig* 4-14 •
The position of L in Fig, 4—-15 has been chosen so that the areas A and B
are equal* The distance from L to the average time of the heat evolution
period is estimated to be 0*7^0,1 min* The change, ^m, in the position
of the galvanometer .light spot due to the heat change is m^-mg* For
point 1 is 31*4-5cm. The value of At may be calculated by Eq, (4-34.)
and that of G by Eq. (4-38). Similar calibrations were carried out in
Fig418
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(118)
titrations 2(a), 2(b), and 3(a) and all the values obtained for G are
collected in Table 4-7, From these results, S, the average value of c,
together with its error, may be calculated.
TABLE Ap-7
Values of the heat capacity, C, of the calorimeter and its contents.









l(b) 235.3 1.9 1(b) 256.3 1.0
Kb) 236,9 0*3 Kb) 256,6 0.7
Kb) 236,3 0.9 Kb) 258*2 0.9
2(a) 237*7 0,2 Kb) 254.8 2.5
2(a) 238,0 0*8 Kb) 256.9 0.4
2(a) 238*9 1.7 Kb) 255.7 1.6
2(b) 238.3 1.1 2(a) 258*2 0.9
2(b) 236.3 0*9 2(a) 259.3 2.0
2(b) 238,4- 1.2 2(a) 256.6 0.7
3(a) 236.7 0.8 2(b) 257,3 0.0
3(a) 237.2 0,0 2(b) 259.6 2.3
3(a) 236.2 1.0 2(b) 258.6 1.3
C = 237,2 S = 0,316 0 = 257.3 3 = 0,422
Error: n = 12, for which tp = 2.201 Error: n = 12, for which tD = 2.201
Using Eq, (4-39) Using Eq. (4-39)
C » 237.2±0*7 cal. degree"! C = 257.3-0,9 cal. degree"1
VB a 18.0 ml, (3*001*1 sodium
perchlorate) •






G = 254.2 S = 0.529
Error: n =: 3, for which tp = 4.303
Using Eq. (4-39)
C- 254.242.2 cal. degree"*l
(119)
In these measurements errors were calculated statistically. The
variable x was measured n times and its arithmetical mean value, x, was
assumed to be very close to ^ which is defined as the accurate value of x. We
have
x = Si tp-S (4-39)
PI 0
where S is the error function £
and tp is the so-called "Student" factor, which can be obtained from statistical
tables for given values of n and the confidence coefficient^-^. In the
present work a confidence coefficient of 95% was used. For titrations
1(a), 1(b), 2(a), and 2(b) the slope of the plot of 5 against Vg is
= 0,804 cal, ml."1 deg. -1
For titrations 3(a) and 3(b) the slope of the plot of 5 against is
-42 = 0.944 cal. ml.'1 deg. ~1
212
The above value results from three calibration runs only. However Schlyter
has carried out about seventy calibration runs of the type in titrations
3(a) and 3(b) with an average value of the slope AC/AV of 0.968 cal.
ml."*^ deg.This average value was therefore used in subsequent
calculations.
The data for one of the main enthalpy titrations, titration 1(a) and
1(b) are tabulated in full in Table 4-8. The value of Am was calculated
in the same way as in the calibration but after the correction of A m to
Am., the value of Au» was itself corrected thus:
(120)
Aft,orr = <V * K- "J? (4-40)
where m& a the galvanometer reading corresponding to the temperature of
the burette solution i.e. the temperature of the thermostat
water.
3 the galvanometer reading corresponding to the temperature of
the oalorimeter solution just before an addition was made.
G
Thus Eq, (4-34) is rewritten
(4-41)
The results for titrations 2(a) and 2(b), and 3(a) and 3(b) have been
summarised and are tabulated in Table 4-9. In Tables 4-8 and 4-9 it can
be seen that there is rather good agreement between the values of ]F Q
























































































































































































































































































































































































































































































































































































































































































































































The values of Q obtained in these measurements can now be
combined with equilibrium constants obtained from the potentiometric
titrations to calculate the heats of reaction in the system. The
solution under investigation contains solvent, i.e. water, ionic medium,
i.e. sodium perchlorate, the reactants H and A and certain complexes HpA^
where p and q are integers. The relative heat content, L, per litre of
solution (or the excess enthalpy expressed in cal. per litre of solution)
is defined by EqX^-42)
L = Tc^ (4^-42)
where c± = the molarity of any molecular species, i.
1^ = relative partial molar enthalpy of i.
The standa d state is chosen arbitrarily so that 1^ = O for the solvent,
ionic medium and the reactants H and A in dilute solution in the ionic
medium. The amount of heat, q, evolved or absorbed due to the addition
of one solution to another will then be
Q = ^ni^i ** ^ni^i (4>-4.3)
The superscripts ' and " indicate the state before and after the addition,
and n^ - number of moles of i.
The heat evolved is made up of the heats of reaction and the heats
of dilution. If the heats of dilution are negligible, then the terms 1^
will be Independent of n^. However, it is not possible to eliminate the
heats of dilution completely. It seems reasonable to suppose that other
ionic properties than activity coefficients and cationic mobilities remain
constant in the ionic medium. Thus the simplifying assumption is made that
li remains constant in a constant ionic medium within the range where the
(124)
activity factors remain constant. This assumption is reasonable because
at constant temperature, each 1^ will deviate from its value at the standard
state by an amount proportional to the partial temperature derivative of the
activity coefficient of i. Schlyter21^ found that the heat produced on
adding 3.Q0M perchloric acid to about 225 ml. of 3.OCM sodium perchlorate
was very small, about 30 cal. per litre of 3.Q0M perchloric acid.
In the solutions under discussion all 1^'s ara taken as constant.
Since 1^=0 for the solvent, ionic medium and the reactants H and A, the
only remaining terms, 1^, in Eq. (4-43) are those for HpAq which will be
denoted by lpq below. For the reactions
pH + qA HpAq (4-44)
3 lpq - PlH - = Xpq (4-45)
where lpq is expressed in cal, per mole.
Equation (4-42) can now be transformed to
L = IWb = (<~A2a>
where Cpq = molarity of the complex, HpAq
A « total molarity of A J^Eq, (2-15)J
1A = relative partial molar enthalpy of A, expressed in cal»
per mole.
In the standard state, (3.00M sodium perchlorate), L in Eq. (4-42a) is
zero. A preliminary value, 1A, of the relative partial molar enthalpy
of A may be calculated from the experimental measurements. Its relationship
to the accurate value, 1A, and the values AH-q, and AJ622
which are to be determined will be derived. The symbols AHpq and AJC. p,;
(125)
are the enthalpy changes for the reactions for which the equilibrium constants
are and Now 1* may be defined by Eq. (4-46)
>4 a n'i#1 - n"lj" (4-46)
*'
In these measurements the initial value of 1, i.e. 1A , is, by definition,
zero. Hence, from Eq.(4-46)
- 1„ = (4-47)
" "A
where - number of moles of A
Assuming no volume change on mixing, the heat, q, evolved due to the addition
of the titrant to the calorimeter solution is obtained from the following
heat balancet
Q = + (V - v' )Lj - nj lj (4-48)
where and n" = number of moles of A in the calorimeter,
V1 and VW * volume of solution in the calorimeter (in litres),
Ltj. = excess enthalpy of the titrant (in cal. per litre).
Setting
^corr 3 Q - (V*' - v' )l/j (4-49)
we have, by substitution in Eq.(4-48)
^corr = nA^"A " "a^A (4-50)
where ycorr is the value of Q corrected for the excess enthalpy of the
titrant. Now
nA*"nA = aT(v"-v') (4-5D
where Aj> - total concentration of A in the titrant.
Substituting Eq. (4-51) into Eq.(4-48), and combining with Eq.(4-46),
nA + V ~ nA ^A + ^ " ^A^ (4-52)
(126)
* L
Thus during each titration the terms n^ (lA + ^ - 1A) are constant.
Now at any point in a titration
nA " no*VT (4-53)
where = number of moles of A in the calorimeter at the start of
a titration.
Combining Eqs. (4-52) and (4-53) it is seen that (n0 +VgAy) (1* + _ 1^)
(4-54.)
is also constant.
From Eq, (4-4.2 a)
A1A = [H+jlH+ + ala+ [HAJ-A H„ * + \hh\^ZL
(V55)
By the definition of the standard state, 1^+ = la =0. The enthalpy
changes for the various reactions are,
and
H + A —» HA AH,,
2HA —» H2A2 AHjj
HA + A * HA2 ^H12
^^22 = 2AH„ ♦ AHQ (4-56)
AH 12
= AH,, ♦ Ah^2 (4-57)
Substituting Eqs* (2-f7), (4-56), and (4-57) into Eq, (4-55)




Substituting the terms (4»15) into Eq. (4-59) we have
XA 3 —T * (4.6O)
where A, H, and h are known, and (X 22 andOC^ may be calculated from
the equilibrium constants. £ see Eqs. (4-17) and (4-18)^ *
Table 4-10 shows the values obtained for 1. in the various
ix




The calculation of 1A in titrations 1(a) and 1(b). Values of Q are taken
from Table 4^-8. The values of —IS, and 22 are tabulated also.11* o o
Point
nA(mM)-(a) Kb) VB(ml) VT(ml) CHA(niM) A (mil)
0.00 224.74 0.00 0.00 0.00
A 0.92 225.66 40.35 40.35 9.106
1 1.93 226.67 84.27 84.27 19.102
5 2.91 227.65 126.52 126.52 28.801
2 3.93 228.67 170.10 170.10 38.897
6 4.91 229.65 211.61 211.61 48.596
3 5.93 230.67 . 254.44 254.44 58.692
7 6.91 231.65 295.23 295.23 68.391
4 7.93 232.67 337.33 337.33 78.486
8 8.91 233.65 377.43 377.43 88.186
5 9.93 234.67 418.81 418.81 98.281
9 10.91 235.65 458.23 458.23 107.98
6 11.93 236.67 498.91 498.91 118.08
10 12.91 237.65 537.66 537.66 127.78
7 13.93 238.67 577.66 577.66 137.87
11 14.91 239.65 615.77 615.77 147.57
8 15.93 240.67 655.11 655.11 157.67
12 16.91 241.65 692.59 692.59 167.37
9 17.93 242.67 731.28 731.28 177.46
13 18.91 243.65 768.15 768.15 187.16
10 19.93 244.67 806,21 806,21 197.26
K 20.91 245.65 842.48 842.48 206.96
11 21.93 246.67 879.92 879.92 217.05
15 22.91 247.65 915.61 915.61 226.75
12 22.93 247,67 916.33 916.33 226.95






(cal/mole) ^ll.Kr ^.lO2 ^.lO2
0.00 0.00 0.00 0.00 0.00 0.00 0.00
2.257 2.257 247.9 97,14 0.027 0.726
4.609 4.609 241.3 96.04 0.038 1.460
4.838 7.095 246.3 94.70 0.045 2.130
4.750 9.359 240.3 93.56 0.052 2.796
4.730 11.825 243.3 92.48 0.056 3.400
4.629 13.988 238.3 91.25 0.059 3.980
4.550 16.375 239.4 90.43 0.063 4.536
4.475 18.463 235.2 89.26 0,065 5.055
4.353 20.728 235.0 88.29 0.067 5.531
4.279 22.742 231.4 87.51 0.070 6.026
4.310 25.038 231.9 86.63 0.071 6,460
4.156 26.898 227.8 85.63 0.073 6.872
4.129 29.167 228.3 84.87 0.074 7.278
3.996 30.894 224.1 84.24 0.075 7.710
3.991 33.158 224.7 83.46 0.076 8.063
3.872 34.766 220.5 82.56 0.077 8.393
3.841 36.999 221.1 82.04 0.078 S.761
3.715 38.481 216.8 81.36 0.079 9.097
3.684 40.683 217.4 80.71 0.079 9.402
3.693 42.174 213.8 80.05 0.080 9.709
3.542 44.225 213.7 79.39 0.081 9.985
3.533 45.707 210.6 78.85 0.081 10.28
3.375 47.600 209.9 78.44 0.082 10.60
1.736 47.443 209.0 78.43 0.082 10.59
3.381 50.981 206.8 77.42 0.083 11.13
TABLE 40.0
M
The calculation of 1A in titrations 2(a) and 2(b), Values of 14




'(a) 2(b) VB(nl) VT(ml) CA(mM) CHAM A(mM) nA(mM)
0,00 224.74 500.00 0.00 500.00 112.37
4. 1.00 225.74 497.79 43.844 541.63 122.27
4 1.955 226.685 495.71 85.358 581.07 131.72
5 3.00 227.74 493.41 130.38 623.79 142.06
5 3.955 228.685 491.37 171.17 662.54 151.51
6 5.00 229.74 489.12 215.40 704.52 161.86
6 5.955 230.685 487.11 255.50 742.61 171.31
7 7.00 231.74 484.90 298.96 783.86 181.65
7 7.955 232.685 482.93 338.37 821.30 191.10
8 9.00 233.74 480.75 381.09 861.84 201.45
8 9.955 234.685 478.82 419.83 898.65 210.90
9 11.00 235.74 476.67 461.83 938.50 221.24
9 11.955 236.685 474.76 499.92 974.68 230.69
10 13.00 237.74 472.66 541.21 1013.9 2a. 04
10 13.955 238.685 470.79 578,66 1049.5 250.49
11
11 15.00 239.74 468.72 619.26 1088.0 260.83
15.955 240.685 466.88 656.10 1123.0 270.28
12 17.00 241.74 464.84 696.02 1160.9 280.63
12 17.955 242.685 463.03 732.26 1195.3 290.08
13 19.00 243.74 461.02 771.52 1232.6 300.42
13 19.955 244.685 459.24 807.17 1266.4 309.87
14 21.00 245.74 457.27 845.79 1303.0 320.22
14 21.955 246.685 455.52 880.87 1336.4 329.67
15 23.00 247.74 453.58 918.87 1372.5 340.01
15 24.955 249.685 450.05 989.21 1439.3 359.36









0.00 0.00 0.00 0.00 0.00 0.00 0.00 0.00
2.173 2.173 17.8 6.61 1.467 0.049
4.129 4.129 31.3 11.78 2.564 0.153
4.219 6.392 45.0 16.68 3.562 0.326
4.089 8.218 54.2 20.51 4.298 0.526
4.018 10.410 64.3 24.08 4.953 0.767
3.945 12.163 71.0 26.91 5.45 1.011
3.897 14.307 78.8 29.64 5.88 1.295
3.793 15.956 83.5 31.86 6.23 1.567
3.742 18.049 89.6 33.92 6.53 1.864
3.705 19.661 93.2 35.69 6.76 2.151
3.629 21.678 98.0 37.33 6.96 2.457
3.514 23.175 100.5 38.68 7.10 2.744
3.540 25.218 105.0 40.04 7.23 3.054
3.402 26.577 106.1 a.12 7.34 3.334
3.ao 28.628 109.8 42.21 7.42 3.643
3.306 29.883 110.6 43.11 7.48 3.922
3.282 31.910 113.7 43.98 7.53 4.221
3.232 33.115 114.2 44.74 7.56 4.498
3.131 35.oa 116.6 45.46 7.57 4.788
3.113 36.228 116.9 46.08 7.58 5.06
3.082 38.123 119.1 46.65 7.58 5.33
2.998 39.226 119.0 47.17 7.57 5.59
2.948 a. o7i 120.8 47.69 7.56 5.87
4.258 43.484 121.0 48.50 7.51 6.37
2.841 43.912 122.0 48.54 7.52 6.38
TA3LE 4-10
if
The calculation of 1A in titrations 3(a) and 3(b). Values of w are taken
from Table 4-9. The values of °<xi» anc* are tabulated also.
Point
3(a) 3(b) VB(nl) VT(ml) CA(mM) cHCIO^(bM) A (mil) nA(mM)
0.00 224.74 25.00 0.00 25.00 5.6185
1 1.00 225.74 24.89 2.18 24.89 5.6185
4 2.00 226.74 24.78 4.34 24.78 5.6185
2 3.00 227.74 24.67 6.48 24.67 5.6185
5 4.00 228.74 24.56 8.60 24.56 5.6185
3 5.00 229.74 24.46 10.71 24.46 5.6185
6 6.00 230.74 24.35 12.79 24.35 5.6185
4 7.00 231.74 24.25 14.86 24.25 5.6185
7 8.00 232.74 24.14 16.91 24.14 5.6185
5 9.00 233.74 24.04 18.94 24.04 5.6185
8 10.00 234.74 23.94 20.96 23.94 5.6185
6 11.00 235.74 23.83 22.95 23.83 5.6185
9 12.00 236.74 23.73 24.93 23.73 5.6185
7 13.00 237.74 23.63 26.90 23.63 5.6185
10 14.00 238.74 23.53 28.85 23.53 5.6185
8 15.00 239.74 23.44 30.78 23.44 5.6185
11 16.00 240.74 23.34 32.69 23.34 5.6185
12 18.00 242.74 23.15 36.48 23.15 5.6185
Titration 3(a) Titration 3(b)
U(cal) & w(cal) Z^tcal)
-1*
(cal/mole) ^ll.lO2 °h2-1°2 2
0.00 0.00 0.00 0.00 0.00 0.00 0.00 0.00
0.364 0.364 64.8 8.665 0.089 0.0035
0.698 0.698 124.1 17.29 0.160 0.013
0.701 1.065 189.6 25.97 0.213 0.031
0.711 1.409 250.8 34.62 0.249 0.055
0.719 1.784 317.5 43.27 0.268 0.086
0.695 2.104 374.5 51.98 0.271 0.124
0.712 2.496 444.2 60.65 0.257 0.168
0.700 2.804 499.1 69.35 0.226 0.218
0.681 3.177 565.5 77.83 0.180 0.274
0.674 3.478 619.0 86.51 0.119 0.337








In titration 1, nQ = O, and Eq. (4-54) reduces to
VT (1A + " 1A) = 0 (4"6l)
since for Eq, (4-54-) to hold even for = o, the constant must
be zero.
Thus
1A . 4* | (4-62)
As a first approximation, we may neglect h and —iS in Eq, (4-60), and
since H a A, we may combine Eqs. (4-60) and (4-62) to give
1* = ( AH„ - ^|) ♦ A%^ (4_w)>
A plot of 1* against —gives (&Hjj - ^) as intercept and as
the slope. This plot is shown in Fig.4-|g^ whence we find
^H,| - ~ !«4 - 0,26kcal.
H
AHp + 0.47kcal.
In titration 2, HvT = V0A^ and
V = no+ VB *T
At VB = 0, we have, by definition, 1 =0. Moreover l^-> O as n->0.
Thus the constant in Eq, (4-54) is nQ and Eq, (4-60) gives
= (">£ ((Wt)
whence,
1 = 1* + H , tl
A A A Ay (4-65)
Combining Eqs, (4-60) and (4-65), and neglecting h, which is small
compared with other terms, we have
Fig419TITRATION EvaluationandAHDsi gEq.(4-63)
(130)
* XiA'A" ' i? " = AH12% (4-66)
AH-^2 w kcal.
In titration 3, % = O by definition, so that 1A = 1*. From
Eq. (4-60) we have, neglecting the small terras h, —13, and —Js2
1A « AH,-j
and AH || « -Q,7kcal.
The values of AH||, Aand were then refined by successive
approximations, using Eq, (4,-60) from which the following values were
obtained
The values of A%2 increase slightly with concentration of and hence
the value of 0,3 kcal. is approximate. This drift may be due to slight
errors either in the analyses of solutions or in the equilibrium constants.
The values of AH for the following reactions may now be
calculated
The free energy change AO and the entropy change A S are related to
the corresponding equilibrium constant by Eqs, (4-68) and (4-69)
respectively, thus
AH„ • -0.72i0.02 kcal.
AH-^2 » 0.3 kcal.
A% = 0.45^0.02 kcal. (4-67)
= —0.46 kcal.
^T
2H + 2A —» H2A2 A*22 = -0.99kcal.
H + 2A —> HA2 AJ6-. > - -0,42kcal.
H + HA2—> H2A2 AH22 = -0.57kcal.
(131)
AG = -2.303RT log K (4-68)
AS « 2.303R log K + *S ^
The values of the equilibrium constants and the corresponding values
of AG, AH, and AS sure summarised in Table 4—11.
table 4—11






























The values of the equilibrium constants obtained for the four
acids are tabulated in Table 4*-12. This table also contains the
equilibrium constants for higher aliphatic acids and for substituted
acetic acids studied by Clarke and Rossotti2^", and by Carson and
Rossotti2^ respectively. The value of ^3^ tabulated is the value
obtained using Eq. (4-8). The constants for iso-butyric acid have
been evaluated on the assumption that successive association constants
are equal £ Hypothesis I, Sec. 2(b), Eq. (2-76) J • Constants
for pivalic acid and valeric acid were calculated using Hypotheses I-IV
in Sec. 2(b) and the tabulated values are the average of those obtained
using these hypotheses.
J% H
The values of pjj are in the order of decreasing inductive effect
of the substituent group except in the cases of phenylacetic acid, where
hyperconjugation affects the strength of the acid, and propionic acid.
Propionic acid is slightly weaker than n-butyric and iso-butyric acids.
Dippy2-^ has suggested that the terminal methyl group of butyric acid
























































































































































































There is thus some stabilisation of the anion causing ^ to fall.
However, from a consideration of free energy and entropy changes of
ionisation, Everett and co-workers2^ believe that propionic acid, not
n-butyric acid, is anomalous. They find that there are smooth
relationships in the series of acids between these quantities and chain
length, but propionic acid, not n-butyric acid, deviates from these
relationships.
The value ofn for acetic acldhas been measured at various
ionic strengths, I, in sodium perchlorate media, by several workers.
A plot of log against I is shown in Fig.4'20. The full line is
the theoretical curve calculated by Ellila2^'''. A value of log =
5.025 in a 3.00M sodium perchlorate medium has now been calculated from
his data. This value agrees well with the value measured in this work.
Unfortunately, there are insufficient data to give similar plots for the
other acids.
In the distribution curves, Figs. 4.4,4*6) 4*9/ 4*11 >
the maximum value of oC.-^ is about 0.10-0.12 at A - 700mM in each system.
_ H
This maximum always occurs at a pH about log 4$(| + 0.1, The neutral
dinter ^2^2 is not formed appreciably until is about 0.05 i.e. at a
H
pH about log pa ♦ 0.5. Thereafter ^>22 increasss steadily with decrease
in pH to a maximum. At A = 700mM the maximum values of 0(. are:
formic acid, 0.067, (pH2)j and acetic acid, 0.177, propionic acid, 0.2A7,
n-butyric acid, 0.327, all at pH3. At these pH's the rest of the
solution is composed almost entirely of monomeric HA with small amounts
( 4.1/c) of a and HA2.





Evidence for the formation in solution of the hydrogen
dicarboxylate ion HAg has not been found previously except by Kolthoff
2X8
and Bosch who identified the hydrogen dibenzoate ion in aqueous
solution. Speakraan and co-workers have carried out X-ray diffraction
measurements on several potassium hydrogen bicarboxylate crystals2"^22^.
The dimer HA2 may be considered to be the chief structural unit in every
acid salt investigated at Glasgow except the disalicylate and the
22/
p-nitrobenzoate, The hydrogen bond in all these salts except one ^
appears to be about 2.6-2.7 $ in length and to be symmetrical, at least
statistically. The one exception is sodium hydrogen diacetate'"2^" where
the 0 H 0 distance is 2.4-0£0.03$. This appears to be one of the
shortest hydrogen bonds between oxygen atoms to have been measured with
any precision and to come into the range where genuine, and not merely
statistical, symmetry might be expected. A neutron diffraction study
of potassium hydrogen bisphenylacetate^2^ has yielded further evidence
for a symmetrical hydrogen bond. Thus, some doubt is thrown on the
interpretation of the infrared spectrum of this salt by Davies and Thomas*
that the hydrogen bond is unsymmetrical. The dimeric ion HA^ exists in
the extended form in these salts. As mentioned previously £ Sec. 1(c) J
crystalline formic and acetic acids exist as infinite chains in the
extended form.
In solution, free rotation is possible about the hydrogen bond,
but the ions HA2 are expected to exist predominantly in the extended form
owing to electrostatic repulsion between the partial negative charges on
the two carboxyl groups
RC
N0- H OvV r-i
%
(136)
The neutral dimers, H2A2, of these acids may eatist in the extended
OC QO
form suggested by Fln€ant * , in the cyclic form which occurs in the
vapour state, or as an equilibrium mixture of the two forms. It can be
seen in Table 4-12 that the values of are also in the order of the
inductive effect of the substituents. The induotive effect appears,
therefore, to have a considerable bearing on the strength of the dimer.
The dimers are stronger acids than the monomers, though decreasingly so
as the alkyl chain lengthens. This is illustrated by the trend in —==•
K11
as the series is ascended and it suggests that the structure of the dimer
is the open form since the dissociation of the cyclic form to HAg requires
the rupture of a hydrogen bond. The value of %22 is almost zero for iso-
Kll
butryic, pivalic, and valerio acids but this is a result of the assumptions
made in the calculation of the constants2^. The value of ^22 for the sub-
Kll
stituted acetic acids, except glycollic acid, is almost oonstant. Evidently
substitution in acetio acid has little effect on the relative acidities of
£
the monomer and dimer though the values of *jB^ and K^2 may themselves be
reduced by as much as 1Q2*^. Cilycollic acid is an exception in this respect
among the substituted acetic acids and it may be noted that the equilibrium
constants for this acid and formic acid are identical within experimental
error.
The enhanced stability conferred on a complex by ring formation is called
the "chelate effect". A measure of this effect in these acids is provided
by the equilibrium constant, X, for the reaction
2HA2 ^ H2A2 + 2A "X3 Kj/Ki2 (4-70)
The chelate effect is small. LogX 4s smallest for phenylacetio acid and




and methoxyaoetio acids. LogX » together with K22 * increases as the
series of aoids is ascended from formic to iao-butyric acids possibly
indicating increasing stabilization of the cyclic dimer.
The thermodynamic data for acetic acid in Table 1*~11 provide more
evidence for the structure of the dimer. The heat and entropy changes
for the formation of monomeric acetic acid have been measured before. Earlier
workers found that in aqueous solution AH ~ +0.lOkoal. and AS *>- +22.0cal.
1 -1 227
mole deg. • The change in medium in the present work to 3«00M
sodium perohlorate appears to have had little effect on the values of AH
and AS. The value of AS is close to that predicted by Pitzer's rule for
228
weak acids. Pitzer found, both experimentally and from rough theoretical
considerations, that the entropy change on the formation of monomeric weak
acids was always about 22 oal. mole^deg."^. It might be thought that
the entropy change in this reaction should be negative but this is not so
since the water molecules have greater freedom in the field around the
molecule HA than they have in the field of the ions, H and A22*.
The formation of HAg from HA and A, and the dimerisation reaotion are
both endothermic and accompanied by loss of entropy which are unfavourable
conditions for complex formation. This is the first time that these heatf
of reaction have been measured apart from some work by Davies and Griffiths"^
who found AH for the dimerisation reaction to be zero. The entropy change
for the reaction
HA2 + H ^ HgA2 (Wl)
is of some interest. This is a similar reaction to the reaction
H + A# HA (W2)
and the experimental value of AS is olose to that predicted by Pitzer's
(136)
rule. However, if the structure of this dimer were the cyclic form AS
for reaction (4-71) would be less positive than AS for reaction (4-72).
It is possible to calculate the entropy change for these reactions using
230relationships derived by Cobble • For neutral solutes
S°(L) = 10 + 1.5RlnM + 9.2JN' - S| - 0.22V (H3)
where S°(L) = the standard entropy of the ligand on the molal scale
M = the molecular weight
N* = the total number of atoms excluding hydrogen
S| = an empirical structure factor
V * molar volume in the pure liquid state at 25°C.
For charged organic ligands Cobble suggests a differential form of Eq.
(W3)
<36°(L) = 1.5RdlnM + 9.2dN( - <38° - 0.22dV (4-74)
Thus the entropy of some member of a aeries may be calculated from another
simpler member by adding the entropy calculated using Sq. (4-74) for their
in
differences/structure, number of atoms, and molar volumes. Cobble has
listed 54 compounds for which the observed and calculated values of
S°(L) agree to within +3 £.U. The value of Eg,. for a double bond is
+3.5 E.U. and for ring formation is +14 S.U. The value of B°(L) for
acetic acid monomer is +43 E.U. Cobble calculates 39 E.U. but this value
appears to be erroneous. The value of S°(L) for the open and cyclic forms
of acetic acid dimer are +65.3 E.U. and +51*3 E.U. respectively. how the
entropy change for reaction (4-72) is
ASU a S°(HA) - S°(A) -S°(H) (4-75)
The value of S°(a) is 20.8 E.U.^30 aIJcL the value of S°(H) may be assumed to
be 0.0 on the molal scale. Hence the calculated value of Ab for reaction
(4-72) is 22.6 E.U. which compares well with the observed value of +20.5 ^.U.
(139)
/
The value of AS for reaction (4-71) is
AS^ « S° (H^Ag) - S°(HA2) - 3®(H) (4-76)
The calculated value of S°(HA2) using Eq, (4-74) is 43.4. If the cyclic
form of f°rme<l» then is +7*9 E.U. whereas the formation of
the open dimer leads to AS12 +21.9 E.U. The latter value agrees very
well with the experimental value of +19•3 E.U.
Thus, there is substantial evidence that at least in acetic acid the
open form of the neutral dimer $2A2 plays an important part in the equilibria.
Similar oalorimetrio measurements on the other acids might well yield further
evidence about the structures of their neutral dimers. The calculated
+22.3 E.U. in propionic acid, and +22.1 E.U. in n-butyric acid
entropy change, A S-j^, reaotion (4-71) is +20.0 E.U. in formic acid,/if
the open form of is the main species present. In each oase, is
14 E.U. less than the values above if the oyclio dimer is formed. It is
possible to calculate AO for reaction (4-71) by substituting the value of
K-^2 in Eq. (4-68). Then by substituting AG and the above values of AS in
Eq. (4-69), a rough value of A%2 "^y be calculated. The values of AH^2
calculated for the formation of the open and cyclic form respectively are
(in kcal.): +1.65 and -2*52 for formic acid, +0.21 and -3*97 for acetic aoid,
-0.18 and -4.36 for propionic acid, -0.38 and -^.56 for n-butyric aoid. The
experimental value for acetic acid was -0.57 kcal. (Table 4-11) which is of
the same order as the calculated value for the open form. These calculations
provide further evidence for the existence of the open form of the dimer in
propionic and n-butyric acids. The formation of the cyclic dimer would be
acoompanied by a heat change of totally different magnitude from that observed
in acetic acid but as the three acids are closely related such a large heat
ohange would appear to be rather improbable.
(140)
The assumptions made about the relationships between successive constants
in the iso-butyric, pivalic, and methoxyacetic acid systems restrict discussion
of the results for the trimers and tetramers. However, no such assumptions
were made in the propionic and oa-tutyric acid systems and it can be seen from
the values of that the trimers are stronger acids than the dimers and
monomerB. The formation of the trioers H2A3 and H3A3 occurs more easily than
the formation of HA2 and H2A2 • This is shown by the fact that K2^ ^
and that f the equilibrium constant for the reaction
KD
HA + HgAg 5* HjAJ (4-77)
is greater than K^. This might be expected since the entropy loss for
reaction (4-77) is less than that for the dimerisation of HA, for which
is the equilibrium oonst&nt» In the latter reaotion, two monomer moleoules
lose some orientations whereas in reaction (4-77) one monomer only is added to
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the dimer • The formation of the higher complexes HgAj, H^Aj, eto.,
is only possible through the extended form of H^A^ • In general, the aoids
tend to polymerise more as the alkyl chain lengthens, pivalic and n-valerio
aoids being the most polymerised of the series.
SECTION 5.
MBTAUCARBOXYLATE EQUILIBRIA IN WAIEK.
(141)
5 (a) POTKMTIOMSTRIC TITRATION RESULTS.
A precise equilibrium study has been made of copper(ll) oarboxylate
systems in an attempt to obtain evidence for the existence of dinuclear and
polynuclear complexes in aqueous solution. Sinoe the carboxylate ligands
are conjugate bases of weak acids the experimental approach was to follow the
competition between protons and copper(ll) ions for the carboxylate ions. In
these systems, at least two buffers of the carboxylic acid and its sodium salt
were usually titrated with three solutions of metal ion of concentrations
between 1 x 10"2M and 1 x 10""Hi. The data for a typical metal-carboxylate
titration, performed as described in Sec. 3( C), are given in full in Table 5-1*
TABLE 5-1.
Experimental data for a typical metal-carboxylate titration.
Copper(II) formate.
B a 100.QmM Composition of buffer: [HA] x 655.4mM
[NaAJ * 3000mM
V. = volume of buffer added.
A
E0 x 261.lmV.
V^(ml) V'f(ml) CNaA.(aM) ChaC®^) c H^aM) E aV pH h ('rtd rjfi a(aM) -loga n
0.00 39.60 0.00 0.00 1.546 249.2 2.811 1.546 0.00 3 0.00
0.05 39.50 3.797 0.8296 1.544 281.0 3.336 0.461 0.54)5 3.267 0.022
0.10 39.60 7.576 1.655 1.543 294.2 3.560 0.276 1.353 2.869 0.050
0.20 39.80 15.08 3.293 1.560 305.1 3.744 0.180 3.258 2.487 0.105
0.60 60.20 29.85 6.522 1.534 3U.2 3.847 0.162 0.531 6.972 2.157 0.215
0.60 40.60 44.34 9.686 1.523 314.4 3.901 0.126 0.500 10.72 1.970 0.319
1.00 41.60 72.46 15.83 1.517 318.8 3.975 0.306 0.456 20.45 1.689 0.505
1.50 42.60 106.1 23.19 1.503 322.0 4.029 0.093 0.423 33.29 1.478 0.812
2.00 43.60 138.3 30.20 1.490 324.8 4.077 0.084 0.398 47.34 1.325 0.890
2.50 46.40 168.9 36.90 1.478 327.2 4.117 0.076 0.378 62.30 1.206 1.045
3.00 45.60 198.2 43.31 1.466 329.2 4.151 0.071 0.362 77.71 1.110 1.181
4.50 68.60 278.9 60.94 1.276 334.0 4.232 0.059 0.321 129.0 0.889 1.524
6.00 51.60 350.2 76.51 1.207 337.2 4.286 0.052 0.301 176.3 0.754 1.687
7.00 53.40 393.3 85.92 1.165 339.0 4.317 0.C48 0.289 208.8 0.680 1.780
8.00 55.40 433.2 94.64 1.127 340.4 4.340 0.046 0.280 239.6 0.621 1.860
10.00 59.40 505.1 110.3 1.057 342.2 4.371 0.043 0.267 296.3 0.528 1.983
12.00 63.40 567.8 124.1 0.996 344.0 4.401 0.040 0.256 351.0 0.455 2.036
14.00 67.60 623.2 136.1 0.943 345.2 4.422 0.038 0.250 396.2 0.402 2.111
17.00 73.40 696.6 151.6 0.673 346.7 |u 647 0.036 0.^ 461.6 0. »6 2.133
20.00 79.60 755.7 165.1 0.815 347.8 4.606 0.0 36 0. 257 5il.50.29i 2.209
(1^2)
The preliminary acid-base titration was oontinued till the pH of the solution
was about 1 pH unit below the pli of the buffer. ^hen the buffer and metal
ion solution were added the pH slowly increased with increasing carboxylate
concentration toward that of the buffer. Titrationswere stopped when pre¬
cipitation ocourred or when large increments of buffer produced only small
changes in potential. The term C'H is the amount of perchloric acid present
in solution, which although small, is usually significant. It arises from the
unneutralised acid in the preliminary acid-base titration and from the acid
present in the metal ion solution. The values of H and a were calculated in
the following way.
In the titrations under discussion metal ions and protons oom£ete^for
carboxylate ions. At (A-nB)^ 5^»M the only speoies present are metal-
oarboxylate complexes, free oarboxylate ions, free protons, and the speoies HA.
Provided that mixed species eg. B(HA2) are not formed Eq. (2-17 ) reduces to
H = h + <8 H ha
r 11
(5-1)
whence a m " ~
fuh
H - h (5-2)
The value of n may be calculated using 8q. (1-4).
amount of oarboxylate ion bound to metal. Thus
Eq. (2-15 ) may be written
A » a + j^ha + 5B (5-3)
Substituting Eq. (5-2) into Eq. (5-3) we obtain
A = a + H-h + nB (5-4)
(143)
whence
5 » A - a - H + h (5-5)
B
When 50mM ^ (A - nB) 700mM the species present in solution are the
metal carboxylate complexes,free carboxylase ions, free protons, HA, HA^, and
H2A£« Eq. (2- 15 ) may be written
A = a t^ha + 2^ha2 + ♦ 28 (5-6)
Combining Eq. (1-9) and Eq. (5-6) we obtain
A — KB a H — h (5—7)
%
Assuming again that mixed species are not formed we have
»H ha +fiHha? + 2#H *2"2
11 '12 r 22
H » h t/ 2ftH h2a2 (2-17)
r n r 12 / oo
Subtracting Eq. (2- \~J) from Eq. (5-6/ we obtain
A - nB - H = a - h +P^J^2 (5-8)
whence
-1 »7l + - aB - H + h)h (5-9)a *
2
For each experimental point, n and a are evaluated by successive approximations,
aaing Eqs. (5-7) and (5-9) and the appropriate value of njj(logfc) • It was
sometimes necessary to obtain the latter by a short graphical interpolation from
the experimental data.
The experimental data for these metal-oarboxylate titrations have been
summarised in Tables 5-2 to 5-4, 5-6, and 5-7, and plotted in the form n(loga)B
in Figs.5*1,5'5,5*7 to 5-9. The shape of these curves oan supply information about
the complexes present. If the formation curve rises to a plateau at an integral
(144)
value, N, of n then the highest complex formed is Ban. However, it is often
impossible to reach such a plateau so that the number of complexes present is
not immediately evident from an imspection of the formation curve. For in¬
stance, in the oase of copper(U) formate, Fig. 51 , the maximum value of
n obtainable was 2.2 indicating that the highest complex is at least BAj.
Within the limits of the experimental data this formation curve gives no in¬
dication of forming a plateau. In some systems, the formation curve may form
a plateau at say 5:1, with n remaining constant for a range of loga and then
the curve may rise to form another plateau at n a 2. This type of behaviour
indicates that the first oomplex is very much stronger than the second and
K2.
Theibrmation curve, 5(loga)fi may sometimes be a function of the metal ion
179
concentration, B. This indicates that polynuclear species of the type
Bra^ are present, where R and Q are integers ana R > 2.
In the present work the equilibria between copper(il) ions and formate,
acetate, propionate, and n-butyrate ions were studied. The cadmium(ll)
acetate system was also investigated as polynuclear species have been reported
178
in solution • The metal ion concentration, B, in a titration was kept
constant between 1 x 10~^M and 1 x 10~^M. Thus, at most, the metal ion
composed 3»3!of the ionic medium and under these conditions the activity
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coefficients of all species appear to remain constant . Generally, the
carboxylic acid - sodium carboxylate buffers used had pH between 4 and 5» The
metal ions would meet intense competition from protons for the carboxylate ions
in buffers of pH <4. On the other hand, buffers with pH>5 oould not be
used since the Cu(II) ion begins to hydrolyse between pH 4 and 5» The
systems studied will now be considered separately.
Fig5-1FORMATIONCURVEORCOPPERfa)ORMATE Theprojectionstripi nt eabsc ssa. Forcla ityabout25*/0 fthed tah venbe npl tted-
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Copper(II) formate*
In this system titrations were made using buff ers of pH 5.69, 4.56, and
4.75. (These figures refer to buffer solutions with A ^ 50mM). The metal
ion concentrations used were 0.010M, 0.025M, and 0.100&. The experimental data
are summarised in Table 5-2. The range of concentration of free formate ion




Experimental data n(loga)g obtained from potentiometrio titrations of metal







5 A -loga n -loga 5 -loga
0.068 2.679 2k 0
0.126 2.283 -0.006 3.803 0.053 2.795
0.246 2.109 0.000 3.583 0.114 2.419
0.331 1.972 0.009 3.203 0.244 2.094
0.460 1.775 0.024 2.960 0.444 1.752
0.564 1.637 0.036 2.784 0.616 1.554
0.651 1.532 0.053 2.663 0.774 1.419
0.782 1.452 0.090 2.601 0.882 1.308
0.926 1.321 0.124 2.446 1.139 1.118
1.051 1.221 0.163 2.338 1.352 0.989
1.250 1.075 0.193 2.247 1.485 0.888
1.452 0.966 0.219 2.171 1.592 0.809
1.550 0.852 0.255 2.113 1.744 0.688
1.718 0.766 0.311 2.012 1.822 0.618
1.883 0.660 0.361 1.910 2.000 0.476
2.132 0.452 0.421 1.834 2.108 0.358














n -loga n -loga n -loga
• © O
0.020 3.199 0.022 3.267 0.001 4.459
0.048 2.834 0.050 2.869 0.002 4.142
0.074 2.604 0.105 2.487 0.009 3.540
0.103 2.471 0.215 2.157 0.019 3.246
0.130 2.365 0.319 1.970 0.035 3.000
0.158 2.278 0.505 1.689 0.060 2.903
0.211 2.137 0.712 1.478 0.081 2.632
0.313 1.935 0.890 1.325 0.101 2.537
0.409 1.791 1.045 1.206 0.129 2.427
0.589 1.592 1.181 1.110 0.163 2.315
0.750 1.447 1.524 0.889 0.184 2.261
0.890 1.330 1.687 0.754 0.227 2.136
1.041 1.212 1.780 0.680 0.318 1.982
1.170 1.116 1.860 0.621 0.401 1.850
1.391 0.974 1.983 0.528 0.593 1.618
1.553 0.865 2.036 0.455 0.770 1.462
1.666 0.777 2.111 0.402 0.920 1.334
1.868 0.657 2.133 0.336 1.171 1.144
1.962 0.566 2.209 0.291 1.359 1.001
2.027 0.499 1.523 0.896
2.141 0.410 1.744 0.738
1.873 0.623
1.955 0.538
The formation curve (Pig. 5'l ) is independent of metal ion concentration
showing that the complexes formed are homonuclear. Since the concentration
of metal ions used is small it seem3 reasonable to assume that these com¬
plexes are mononuclear. The formation curve does not form a plateau and
the value of H rises to 2.2. This indicates that the complexes formed
are BA, BA,,, and BA^ at least.
The stability constants were calculated using two methods. The
projection strip was first prepared^see bee. 2(b ), and it is shown along
the absiissa of Fig. 5'I. The strip was fitted to the family of curves
1ogp(loga*)£ [Sec. 2( b ),p.37 ] but since N>2 the fit is bad at




Projection strip(Fig5l) superimposed on normalised curves




Firstsuccessiveextrapolationinthev luationofpt- Thebeststraightlineidrawnthroughtheexp rimentalpoi ts,
(147)
and loga* - loga = 1,25+0.02, and by substitution into Sqs. (2-11 ) and
(2-10 ),
-h
= 0.29 + 0.02log 2
logj?2^ a 1.25 + 0.02
whence
log ^ a 1.54 + 0.025, log » 2.50 + 0.025
Owing to the limit of the fit, these constants must be regarded as approximate.
The oonstants were refined using the successive extrapolations method of
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Hossotti and Rossotti [Sec. 2 (a), p.34 ]• The first extrapolation
is shown in Fig. 5*3 , where the plot of n against (2-5 )a gives
(l-H)a (Hh)
as intercept and as slope. The value of was refined in the
third extrapolation where n - (1-n)yl& _ /Q
(2-n)a2 I'
was plotted against (4-n) Q, . The slope of this plot was aero showing that
(3-n)
t a Q. The limits of error of the oonstants were estimated from the scatter
of the points. The values of the stability constants are
log ^ = 1.53 + O.O25
log ^2 = 2.12 + 0.03 log&2 = 0.89 + 0.04
log 'P, « 2.68 + 0.10 logS3 a 0.26 + 0.10
If is possible to caloulate a theoretical formation curve from these constants.
If the constants evaluated are thosewhich best explain all the data then this
curve should fit the plot of the data with high precision over the entire





a=3 ^ _ n=3 A
s.
n=l n=0
" ft- * 2ft*2 • 3 ft"3 (1-5.)
1 + ^ia + ^2*2 ♦ y^3a5
The full line of Fig.5*1 is the theoretical formation curve which fits all
the experimental data with high preoision.
The fraction, ot 0, has been plotted against loga in Fig. 5-4 • For a
mononuclear complex
O(0 3 Mfl = ^oa (5-10)
b ♦ BA ♦ BA2 + BAj ... .BAW jj
n=0 la
Copper(ll) acetate.
In this system titrations were made using buffers of pH 4.35 »nd 5.01,
and solutions of metal ion of concentrations 0.025M, 0.050M, and 0.1Q0M. The
experimental data are summarised in Table 5-3. The range of concentration
of free acetate ion was 8.5 x 10"^M to 0.3M. Precipitation did not oocur
during a titration, but in some oases a precipitate was formed when titrated




Experimental data n(loga)B obtained from potentiometrie titrations of metal






































































































































































































































































































































Forclarityabout2570fthed tah venbeenp ott d
(150)
The formation curve (Fig. 5*5) is independent of B and it is assumed, there¬
fore
fore, that mononuclear complexes are present as in formic acid. As the curve
does not seem to be forming a plateau at n » 2, the complexes formed must be
BA, BAg, and BAj at least.
The stability constants were calculated in the same way as the copper(Il)
formate system. The projection strip could be fitted to the family of curves
logp(loga*)- up to n * 1.5. In the position of best fit, logp = 0.31+0.02
and loga* - loga * 1.48+0.01, and by substitution in Eqs. (2-|| ) and (2-IO)
log ft '1 * 0.31 + 0.02
log m 1.48 + 0.01
Thus the approximate overall stability constants for the first two complexes
V
are
log p± = 1.79 + 0.025
log ^2 a 2.96 + O.Olj
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These constants were refined by the method of successive extrapolations .
The constants evaluated are
log » 1.79 ♦ 0.025
log * 2.94 + 0.03 logK2 » 1.15 ± 0.04
log » 2.64 + 0.20 logK-j a -0.30 + 0.20
The full line in Fig. 5*5 is the theoretical formation curve calculated by
substituting the above values in Eq. (l-5a). This curve fits all the experi¬
mental data excellently. Figure 5-6 shows the plot of o( c against loga.
After standing overnight, some concentrated titrated solutions deposited
well-formed green-blue or green orystals. The solutions concerned were those
of the buffer of pH 5.01 with copper concentrations of both 0.025M and 0.100M.




Relativeproportionsfths eciesBAnp s ntinolution.
(151)
Copper(ll) propionate.
In this system titrations were made using buffers of pH 4.71 and 5*01,
and solutions of metal ion of concentrations 0.025^, 0.050M, 0.075M, and 0.10QM.
The experimental data are summarised in Table 5-4. The range of concentration
of free propionate ion was 3*2 x 10~Si to 0.3M. Precipitation did not occur
during a titration, but in some oases a precipitate appeared when titrated
solutions were left overnight.
TABLE 5-4.
Copper(H) propionate.
Experimental data n(loga)B obtained from potentiometric titrations of metal











n -loga 5 -loga n -loga
m 0 a
0.056 3.079 0.093 2.879 0.096 2.906
0.116 2.735 0.183 2.553 0.186 2.561
0.521 1.960 0.266 2.351 0.274 2.370
0.816 1.664 0.488 2.009 0.500 2.021
1.014 1.474 0.615 1.860 0.633 1.874
1.243 1.290 0.728 1.744 0.752 1.758
1.442 1.077 0.909 1.564 0.904 1.562
1.568 0.908 1.058 1.433 (4.043 1.429
1.671 0.803 1.172 1.328 1.164 1.327
0* ci 1.319 1.208 1.384 1.141
1.384 1.141 1.508 0.987
1.472 1.059 1.615 0.850
1.527 0.989 1.712 0.733
1.579 0.931 1.752 0.648













0.036 3.293 0.048 3.140
0.074 2.952 0.219 2.460
0.289 2.310 0.515 1.980
0.551 1.982 0.897 1.588
0,754 1.750 1.161 1.351
1,089 1.433 1.335 1.183
1,307 1.241 1.562 0.967
1.459 1.094 1.637 0.821
1.552 0.987 1.699 0.721






















































































































Fig5-7FORMATIONCURVESOROPPER(n)PR IONATE ForclaritytheformationcurvesatB=25mMandlOOo lyh ebe n drawn.About4070ftheta,mainlyhighval esfvnoeepl tted.
(152)*
The formation curve (Fig. 5*7) is a function of B, although the ourves
for B a 0.025M and 0.050M are rather similar to each other. It is apparent,
therefore, that the species present are not homonuclear. The formation curve
is independent of B up to the point (loga, n) = (-2.0, 0.5) and the projection
strip method may be used to aalculate fix and ^2* °** error of
logp are rather wide but in the position of best fit logp w 0.37 + 0.13 and
loga* - loga = 1.49 + 0.10, and by substitution in Eqs. (2-11) and ^2-10)
log fix * 1.86 + 0.03
log = 2.98 + 0.20
The reason for the large error in log ^ is that at n « 0.5 almost no BA2
has been formed. If it is assumed that mononuclear complexes only are formed
for B ^ 0.050M then a projection strip of the data for B « 0.025M and
0.050M may be fitted to the calculated curves, logp(loga*)-. In the position
of best fit logp = 0.35 + 0.02 and loga* - loga = 1.51 ± 0.01, and by sub¬
stitution in Eqs. (2- || ) and (2- 10 )
log yfi1 a 1.85 + 0.025
log fiz s 3,02 - 0,02
These values have been refined aid a value of has been calculated by the
method of successive extrapolations^ which gives
l0g fil x 1,86 - °*025 %
log = 3*00 + 0.03
log ^3 = 2*50 + 0.10
The theoretical formation curve calculated from these constants using Eq. (l-5a)
does not, of course, fit the data for B = 0.075& and 0.100M, and it appears that
polynuolear species are formed in the system. As a first approximation the
assumption has been made that only one polynuclear species is formed and that it
is dimeric, of the type B^a^where Q is an integer ^ 1. In this case, assuming
%
(153)
that three mononuclear species are formed
3,
now becomes
B = j^ba* + 2# b2aq (5-11)
c
where ^2q is overaHy stability constant for BgAq Equation (1-4)
5= + (5_12)
Solving Sq. (5-H) for b and substituting into Eq. (5-12) we obtain
nB s
2Bo ak-- UttvY-*?*-' -ft-*
•^2
Setting C = ffna" (5-13)
D = fn« a"
Oj '
and solving Eq. (5-13) for » w® have
« (SC - D)(qC-2D) (5-14)
q
B(2R -
It is now possible to gain some idea of the species present by substituting the
experimental data, n(loga)^, in Eq. (5-14). In Eq. (5-14) the term (EC - d)>0
If it is zero no polynuolear complexes are formed. Using the values of n. and
X) by
f$2 aalqulateA above/the projection strip method together with the data for
B » C.075M and 0.100M in Table 5-4, we find that the value of *^2q is ne8aHve
when Sq. (5-14) is solved with q«l or q=2, while with B2A2 the value of^pq
is positive. The species BpA and B2A2 do not, therefore, appear to exist in
(154)
this system. The values ofK oaloulated with q = 3 and q = 4 are shown
in Table 5-5« The values of
loga, while the values of
concentrations.
t23 increase steadily with increase of n and
are more constant, especially at higher
TABLB 5-5.
Copper(Ii) propionate.









n l0«#23 1o*£24 n log#23 logK
1.037 5.20 6.22 1.188 4.88 5.80
1.172 5.64 6.59 1.359 5.80 6.34
1.374 6.17 6.57 1.481 7.36 6.57
1.533 6.80 1.687 6.90
1.619 6.80 1.728
1.700 6.84 1.786 6.03







The data are therefore consistent with the formation of a diraer BgA^. The
value of logobtained In the above calculations is 6.9 + 0.2. The form¬
ation curves calculated using this value fit the experimental data with fairly
high precision for B = 0.075^ and. 0.100M but not for B = 0.050M and 0.025M.
In the latter cases the experimental data fall below the calculated curves.
Successive approximations have been used to obtain the values of logand
log whioh best explain the data and these appear to be zero and 6.50 +
0.20 respectively. The formation curves calculated using this value of













































and the data for B » 0.075M with somewhat lower precision. The experimental
data for B = Q.100M fall slightly above the calculated curve and it is possible
that a second polynuclear species is formed at this higher concentration of B.
I
However the precision of the data does not justify a more extensive mathematical
analysis.
Thus in this system two combinations of constants explain the experimental
data with similar precision. First, the set
log^L * 1.86 + 0.02£
l°gjS2 » 3.00 + 0.02
logj&3 » 2.50
logjS,^ » 6.9 ± 0.2
#hioh represents the data for B » 0.100M with high precision, but does not
represent the other data so well. The second set
log = 1.86 + 0.02jj
log jBg - 3.00 0.02
log ^24 x 6.50+0.20
represents the data for B s 0.025M and 0.050M with high precision, the data
for B = 0.075M with moderately high precision, and the data for B = 0.100M
with lost precision. This set appears to explain the data better than the
first set and these values are therefore taken as the preferred values of the
constants. The full lines in Fig. 5*7 are the formation curves calculated
using this set of constants.
After standing overnight, some concentrated titrated solutions deposited
well-formed green crystals. These crystals were greener than those of' copper(ll)
acetate and may possibly be crystals of the dimer.
The complexes existing in this system could be studied more easily if the
(156)
concentration, b, of the free metal ion could be measured. Such measurements
rt "tr
are usually made with either a metal or a metal amalgam electrode. Biedermann 4
attempted to use a copper amalgam electrode in the study of the hydrolysis of
the copper(ll) ion. Even at low pH, where hydrolysis of the metal ion is
negligible, the values of E drifted and small red crystals of Cu^O appeared on
the surface of the amalgam because of the reaction.
Cu2+ + CuHg + H20 <=± Cu20 4 + 2H* + Hg (5-15)
Measurements in the present system would have to be made at pH 4-5, close to the
point where hydrolysis of the metal ion occurs. For this reason, and after
discussion with Br. Biedermann, it was not considered worthwhile to attempt
to measure b in these solutions with an amalgam electrode. It is vfell known
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that copper metal electrodes are very slow in reaching equilibrium •
Copper(ll) n-butyrate
Titrations were made using buffers of pH 4*84 and 5*13, and solutions of
metal ion of concentrations 0.010M, 0.025M, and 0.100M. The experimental.
data are summarised in Table 5-6. The range of concentration of free butyrate
-5 -2ion was 3 x 10 M to 4 x 10 M. These titrations were limited by the low
solubility of copper(ll) n-butyru be in the ionic medium. When the metal
ion concentration was 0.100M it was possible only to reach a point (loga,n) =
(-2.25,0.3) before precipitation ocourred. Similarly, precipitation occurred
at (loga,n) = (-1.9,0.6) when B m 0.025M, and at (loga,n) $»(-1.4,1.1) when
B a 0.010M. Preoipitation via3 detected in the more concentrated solutions
both visibly and by the faot that the value of E which, as usual, had increased
for each addition of buffer, suddenly decreased. Preoipitation was less easy












































































































































not visible and the value of K did not decrease. Ho»vever, the formation
curve shows an anomalous break at (loga,n) = (-1.4, 1»1) indicating precipita¬
tion which was not detectable visibly until the last point shown on the curve,
i»e. (loga, n) = (-1.2,1.5).
The formation curve is independent of B and extends beyond n = 1. There¬
fore, the species formed are homonuclear, probably mononuclear as in the other
systems, and there are two complexes at least. More experimental data, ext¬
ending to higher values of n and loga, might be obtained by titrating with
lower concentrations of B. However, the values of n obtained would have a
large uncertainty and it would be hazardous to draw any conclusions from
such data. The maximum error in £-K0 is_+0.3m7, and in titrations with
B=0.010M the resultant error in n is large, e.g.; for a typical measurement
5 = 1.134+0.050. The error in E increases with increase in n and decrease
in B.
As before, it was assumed that the two oomplexes present were BA and
BA2, and the projection strip method was used to calculate^ an^-^2*
the position of best fit, logp = 0.33+0.02 and loga*-loga » 1.49+0.01, and
Vy substitution in Eqs. (2-II) and (2-IO),
l0gfl = 1,82 - 0,025
logjg = 2.98 + 0.03
The theoretical formation curve calculated by substituting these constants in
(5-3)
Eq.(l-5a) is the full line in Pig,/and it fits the data with high precision.
The precipitates formed in these titrations were light blue. A formal
solubility product for the species Ba^ has been calculated from the experi¬
mental data. The solubility product of is given by Eq. (5-16)
S3pAq = (5-16)






how in copper(II) n-butyrate
nsO /
from which b may be calculated. The value of a used in the calculation is
the value just before precipitation occurred. The values of x 10^
obtained from one titration with B = 0.10QM and two titrations with B = 0.025M
are 2.211, 2.144, and 2.121 giving an average of 2.16 + 0.04. It is interest¬
ing to note that the values obtained from the titrations with B = 0.010M are
3.649 x lO"6 and 3.110 x 10"*^ which were calculated from the data when the
precipitate whs first detected visibly. To bbtain the lower value of
the value of a at R«#0.90 must be used. Thu3, this confirms that in the
solutions with B = 0.010M precipitation occurred before the precipitate was
visible and that the best method of detecting precipitation at low concentra¬
tions of metal ion is by the observation of anomalies in the formation curve.
Cadmium(U) acetate.
Titrations were made using buffers of pH 4.54 and 5.02, and solutions
of metal ion of concentrations 0.025M, 0.05GM, and 0.JLQ0M. The experi¬
mental data are summarised in Table 5-7. The range of concentration of
free adetate ion was 7x10""to 0.3M. Precipitation did not occur either
during or after a titration.
The formation curve (Pig. 5-9 ) is independent of B and it is assumed
that mononuclear complexes up to BA2, at least, are present. The values
°f and were calculated using the projection strip method. In the
position of best fit logp = 0.24+0.02 and loga* - loga = 1.095+0.01, and by
substitution in Eqs.(2-|| ) and (2-IO)
1.33 + 0.02,lo&fl = "5
log ^2 = 2.19 + 0.02
The full line in Pig.59is the theoretical formation curve calculated by substitut¬





Experimental data n(loga)^ obtained from potentiometric titrations of metal
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5(b) DISCUSSION
The stability constants of the copper(II) carboxylates obtained in this
201 22.U
work, by Carson and llossotti , and by Clarke and Rossotti >are summarised in
Table 5-b. A dimer has been detected only in cibpper(Il) propionate solutions,
,163This is somewhat surprising in view of the earlier measurements of Fronaeus
162
and Pedersen both of whom reported that copper(ll) acetate formed dimeric
molecules, Pederson, however, reported only qualitative indications of poly-
nuclear complex formation [cf, bee, l(d ) ], Fronaeus' experimental method
was similar to that used in this work but he used 1.00M sodium perchlorate as
the ionic medium in which the dimers would be expected to be less stable than
in the 3»00M sodium perchlorate medium used in this work, Fronaeus's data
have, therefore, been re-examined. His method of calculating n and a were
slightly different from those in the present work and the formation of the species
HA,, and H2A2 was not realised. However, the Lund school of solution chemists
believe the variation in potential of a carboxylate buffer with its concentration
to be due to a liquid junction potential and Fronaeus corrected his results
accordingly. The experimental measurements were plotted as "^(a)g and ^(loga)g
which were found to be functions of B. Fronaeus therefore postulated poly-
nuclear complex formation. The data have now been re-plotted in the form
n(loga)u and constants calculated vising the projection strip method and success¬
ive approximations. The projection strip fits the theoretical family of
curves logp(loga*)- up to n = 1,2, In the position of best fit logp =
0.305 _+ 0.015 and loga* • loga = 1,36 + 0,01, and by substitution in Sqs,
(2-||) and (2-10)
= 1.665 + 0.02
log = 2.72 + 0.02
These constants have been refined and a value of ^3^ evaluated by successive
approximations. The theoretical curve calculated from the following set of
constants fits the experimental data with high precision over the whole range
(162)
of concentration,
log£ = 1.67 + 0.02
log = 2.66 + 0.02
logjB, = 2.85 + 0.10
IABLB 5-8
Stability constants of copper(ll) carboxylate complexes in 3.00M sodium
perchlorate at 25.00°C.
Ligand lo&fl log lo#2 log ^3 log K
Formate 1.53 2. k2 0.69 2.66 0.26
Acetate 1.79 2.94 1.15 2.64 -0.30
Propionate 1.66 3.00 1.14
n-Butyrate 1.82 2.96 1.16
iso-Butyrate 1.87 $ 2.66 <0.81
Valerate 1.92 £3.02 <1.10
Pivalate 2.03 43.68 <1.65
Cyanoacetate 0.67 1.00 0.13
Chloroacetate 1.02 1.43 0.41
Phenylacetate 1.61 £2.4 <0.8
Methoxyacetate 2.01 3.34 1.33
Glycollate 2.50 4.02 1.52 4.27 0.25
The values of and are the same as those evaluated by Fronaeus while
4$^ is somewhat lower. There appears to be no justification for postulating
the formation of dimeric species. At high values of n the data do not fit
the curve perfectly but the appreciable uncertainty in n in this region may
account for the observed discrepancies. The present method of plotting the
data is preferable to Fronaeus's since the error in the term ij/a becomes very
large as both n and a tend to zero.
It can be seen in Tables 4-12 and 5-8 that the strengths of the metal
complexes are inversely related to the strengths of the corresponding acids.
A plot of logK.^ against log K is shown in Fig. 5-IO • There is a linear
Fig5IO
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relationship between these two constants except for the formate, methoxy-
acetate, and glycollate systems. Similar relationships have been noted
for complexes formed by a given metal ion with a series of closely related
ligands^-^^. Steric effects often modigy the relationship and these account
for the deviations observed in this series. Formic acid, the first acid of
the series, usually behaves anomalously, and the behaviour of copper(H)
methoxyacetate and copper(II) glycollate is attributed to the formation
201
of chelates . The effect of chelation on the stability of complexes
is illustrated by the copper(U) fornate and copper(Il) glyoollate complexes.
Formic acid and glycollic acid have almost identical equilibrium constants
but a)tKi for copper(ll) glycollate are respectively 10 times and ^
times more than the corresponding constants for copper(H) formate. This
2GX
behaviour has been attributed to the chelation of eopper(ll) glycollate •
In the series of complexes eopper(U) acetate, -propionate, -n-butyrate,
-n-valerate, the value of K2 is constant within experimental error indicating
that the free energy of addition of the second carboxylate ion to the species
CuA+ is the same throughout the series.
The values of and ^2 * or the series of complexes are related linearly
in the form
log£ = 1.771ogj^ - 0.33
the constants for all the systems fall on or close to this line. The values
of and Kg are similarly related thus
logK2 * 0,771og ^^ - 0.33
though the points for iso-butyrate, pivalate, and glycollate fall some
distance from this line. Kougher correlations may be drawn between Kg2 and
K2» 12 a®d.j$22 andj^ j* ^he ligands formate, methoxyacetate,
glycollate, iso-butyrate, and pivalate are excluded from the last three
correlations.
(164)
In the copper(ll) propionate system the value of the dimerisation con-
0.50
stant, Kp, for reaction (5-16) is Kp = 10 . The colours of the concentrated
Solutions of these copper(ll) carboxylates are similar to those observed by
other workers [of. bee. 1(d) ]• Solutions of both copper(ll) formate and
copper(II) acetate were dark blue while those of copper(II) propionate in
which dimers occurred, were green. The solutions of cdjpper(II) n-butyrate
were green also and it is likely that dimers would have been detected in them
if the measurements had not been restricted by precipitation.
235
The silver(l) acetate system has recently been investigated at 25°C.
in the 3«00M constant ionic medium. The stability constants evaluated are
logjffi = 0.364 + 0.004
logj^ = 0.11 ♦ 0.07
logjjj ■ -o.l +0.3
Thus, for the acetate system the stability of the metal complexes follows
the order found in other systems^\ viz, Cu++> Cd*+> Ag+.
178
Leden*s data for eadmium(II) acetate have been recalculated and
plotted in the form n(loga)g. Leden originally plotted these in the form
J?(loga)B and concluded that dimeric specie^ were present. However the
a
replotting of the data shows that the formation curve is independent of B
and that, therefore, mononuclear complexes only are present. The stability
constants have been calculated using the projection fctrip method and success¬
ive approximations,
log fx' 1.29 + 0.03
log hm 2.37 + 0.03
log ft} S 2.70
SECTION 6.
EQUILIBRIA IN 50^ ▼/▼ AQUEOUS DIOXAN.
(165)
6(a) PRELIMINARY MEASUREMENTS.
Measurements in the 5Qo v/v dioxan-water mixture were made in the same
way as those in aqueous solution. The constant ionic medium was 0.60M
205
sodium perchlorate in which the variation of activity coefficient is small *
Some preliminary measurements were made of the liquid junction potential in
acid solution and of the hydrolysis of the copper(ll) ion.
Liquid junction potential.
The determination of the variation of the liquid junction potential in
acid solutions is important since the potential may be considerably larger in
the organic solvent and in this ionic medium than it is in 3»00M aqueous sodium
perchlorate. Measurements involving the copper(ll) ion may have to be made in
appreciably acid solutions in order to suppress hydrolysis of the metal ion.
Solutions of 0.05M perchloric acid were therefore titrated with 0.1M sodium
hydroxide in the presence of a constant concentration of copper. Titrations
were made with B = O.OCM, 0.025M, 0.050M, and 0.100M. The liquid junction
potential was found to be independent of B, and to be a linear function of h
thus,
Ej = 26.2h + 0.4mV/mole (5-15)
Ej is significant, therefore, only forpH<2.
Hydrolysis of the oopper(II) ion.
The hydrolysis of the copper(ll) ion has been investigated in aqueous
232
3.00M sodium perchlorate medium and the following equilibrium was found to
occur,
2+
2Cu + + 2H20£ Cu [(0H)2Cu]2+ + 2H+ (6-1)
with hydrolysis constant logk =» -10.6 _+ 0.1.
In the present work acid-base titrations similar to those for the
determination of the liquid junction potential have been made. The copper
Fig61
HYDROLYSISOFCiTIN5Q7av/vDIOXAN
Zplottedasfunctionofl gh-Thcurvecalculateass ming thatonlyecomplexCuOH*isformed;withk=|-o*IO""6
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concentration:, was kept constant at 0.025M, 0.050M, or 0.100M. Titrations
were stopped when precipitation occurred. The average number, Z, of OH ions
bound per copper atom may be calculated from B, H, and h thus,
h - H - Kwh_1 - ,, .2! " Z (6-2)
B
In a 50,' v/v dioxan-water mixture Kw is of the order of l.bxlo" , and so the.;
term K^h"^" in Eq.(6-2) may be neglected since it is exceedingly small compared
to the other terms. The experimental data are summarised in Table 6-1 and Z is
plotted as a function of logh in Fig. 6*1 . The curves Z(logh)g appear to be
independent of B and it was assumed that a mononuclear hydrolysis product is
formed. The data are rather scattered owing to the nature of the calculation
in which two similar large numbers, H and h are subtracted.
It was assumed that the following equilibrium occurred
Cu2+ + H20# CuOH+ + H+ (6-3)
for which the hydrolysis constant, k, is given by
k = UuPHj h (6-4)
b
The experimental data have been fitted to the calculated curve for one mono-
nuclear complex only [Sec. 2(b), Eq. (2-7 )]. The terms h, k, and h in the
present case correspond to a, a* respectively in Eq. (2-7)« I*1 'the
position of best fit logh = 0 and logh* = -6.0 + 0.3, whence by Eq.(2-8 )
logk = -6.0 +0.3
The full line drawn in Fig.6-lis the curve calculated using logk = -6.0.
Although hydrolysis appears to start at about pH2 it is not appreciable
until pH3»7 where 0.5/a of the copper is hydrolysed. Thus it would be desirable
if copper(U) oarboxylate titrations could be made within the range 2.04pH^>3*7
so that corrections for liquid junction potential and hydrolysis of the metal
(167)
ion need not be applied. In this medium the value of for acetic acid
is 5.61B [bee. 6(b), p. 175] and a buffer of pH3.7 would have an acid to salt
ratio of about 100 to 1. The copper ions would meet intense competition fro®
protons for the acetate ions and copper(II) acetate complex formation would be r
rather slight. To achieve greater complex formation buffers of higher pH were
therefore used.
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iibL ACETIC ACID EQUILIBRIA*
Buffers were prepared as described in bee, 3(c) and the potentiometrie
titrations were made in the same way as before. The incrementsof buffer added
were usually sufficient to inoreuse A by 25mM or 50mM, up to a total carboxyl-
ate concentration of 600aM, Activity coefficients begin to vary significantly
above this concentration2^. Some titrations were stopped when A was less
than 600mM since inconveniently large increments of rather dilute buffers
would have had to be added in order to reach this concentration. These
buffers could not be made more concentrated owing to solubility difficulties
and the requirements of the constant ionic medium, A modified titration
technique was used in order to overcome these difficulties and to obtain data
at concentrations of A up to 600mMf The usual titration preceded by a
determination of SQ was carried out first; the total concentration of A was
usually 300-100mM. The glass electrode and J-tube of the salt bridge
were removed carefully from this solution. Neither the electrode nor the
tube was rinsed, or cleaned, or allowed to touch any surface before the next part
of the measurements. Known volumes of buffer and 0.60M sodium perchlorate
were then run into a second titration vessel so that the total carboxylate
concentration was 600-8Q0mM. The glass electrode and other fittings were
then carefully inserted and the solution titrated with 0.60M sodium perchlor¬
ate. Headings of E were taken at 25®M intervals of A until the concentration
of A had fallen to 200mM. The glass electrode and salt bridge were then
removed from this solution and replaced in the first solution so that the last
measurement of E in the first titration could be checked, No determination
of Eq was made in the second titration and it was assumed that if the glass
electrode and salt bridge were handled carefully during transfer from one
(169)
solution to another then E0 would, not vary during these titrations. hay
change in E0 would be shown by the check on the last measurement of the first
titration. If a variation greater than the experimental error was detected
then the second titration was rejectod.
Duplicate readings of 6-8 points at concentrations of A between 200mM
and itGOmM were obtained using this "overlap" method of titration. The duplic¬
ate points also provide a check on the constancy of EQ and the method has been
widely used in the study of various carboxylio acid equilibria in aqueous
?() "I 91 J
solution * . In this system, however, there was always a difference in
E between corresponding points in the two titrations even though the first
check of E0 was satisfactory. The difference which was usually between 2.0
and 2.5mV was constant to within _j0.2mV in ar^y pair of titrations. The only
explanation for this phenomenon appears to be that EQ did, in fact, change
when the glass electrode was transferred. The readings of S in the second
titration have, therefore, been corrected by the constant difference to
correspond with the readings of the first titration.
The values of Hjj and logh were calculated using Eqs.(1-6) and (3-5)
respectively. as mentioned above the term may be neglected.
Tables 6-2A, 6-2B, and 6-2D contain a selection of the experimental
data njj(logh)A for acetic acid obtained from the potentiometric titrations
of the acetate buffers. The buffers of high acidity i.e. those in Table 6-2D
were not examined until some time after the others and the data obtained from
them have not been used in the subsequent calculations of the Equilibrium con¬
stants. These constants are, however, consistent with the experimental data
in the buffers of high acidity. The experimental data are plotted in the







Experimental data n^(logh)^ obtained from potentiometrio titrations of acetate








nH pH A % pH A "ft pH
10.64 0.045 6.927 9.82 0.105 6.557 9.33 0.193 6.259
14.54 0.045 6.927 13.94 0.112 6.529 15.42 0.193 6.249
18.39 0.045 6.927 22.03 0.117 t. 507 18.28 0.193 6.249
26.61 0.045 6.927 27.32 0.122 6.504 21.60 0.193 6.249
36.75 0.045 6.927 32.53 0.122 6.502 24.36 0.193 6.249
46.84 0.045 6.930 37.65 0.122 6.502 27.29 0.193 6.249
49.82 0.045 6.933 42.69 0.122 6.502 49.87 0.193 6.259

















































































5.928 9.17 0.463 5.688
5.923 18.19 0.464 5.684
5.923 27.05 0.464 5.684
5.923 35.76 0.464 5.684
5.923 50.67 0.464 5.668






5.304 9.47 0.740 5.162
5.299 18.86 0.740 5.159
5.299 28.17 0.760 5.159
5.299 37.39 0.740 5.159































































































Experimental data n^Clogh)^ obtained from potentiometric titrations of acetate







A pH A h pH A nH pH
100.0 0.045 6.974 99.66 0.122 6.529 100.4 0.193 6.284
150.1 0.045 7.011 149.9 0.122 6.560 150.0 0.193 6.313
199.8 0.045 7.048 200.2 0.122 6.590 199.8 0.193 6.344
250.1 0.045 7.082 249.9 0.122 6.624 250.0 0.193 6.377
299.9 0.045 7.119 300.0 0.122 6.656 300.2 0.193 6.406
349.8 0.045 7.H8 349.9 0.122 6.688 350.0 0.193 6.433
400.1 0.045 7.177 400.0 0.122 6.720 399.9 0.193 6.465
449.8 0.045 7.209 450.1 0.122 6.742 450.3 0.193 6.479
500.2 0.045 7.239 500.4 0.122 6.761 499.9 0.193 6.507
599.7 0.045 7.305 600.5 0.122 6.817 600.1 0.193 6.556
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Values of log '|3„i obtained from the pH of buffers at A^20mM using Eq^4-8)
Buffer log^jj Buffer log$
1 5.598 7 5.620
2 5.644 7a 5.623
3 5.627 8 5.620
3a 5.598 9 5.614
4 5.613 10 5.626
4a 5.595 11 5.632
5 5.633 12 5.615
6 5.621
Buffers 3a, 4a, and 7a are buffers similar in composition to buffers 3,4,
and 7 respectively. The experimental data for these buffers have not
been included in tables 6-2A and 6-2H.
TABLE 6-2D.
Acetip acid
Experimental data (log h)A obtained from potentiometric titrations of
acetate buffers of high acidity.





A pH A % PH A iff
8.52 0.945 4.256 8.45 0.952 4.222 8.86 0.962 4.144
16.99 0.956 4,239 49.81 0.966 4.214 17.65 0.970 4.102
50.23 0.963 4.226 101.4 0.968 4.207 47.93 0.976 4.041
VD CDk 0.965 4.220 150.7 C.968 4.207 98.12 0.978 4.019
148.3 0.966 4.217 201.5 0.968 4.205 130.2 0.978 4.007
199.6 0.966 4.a7 249.9 0.968 4.204 199.9 0.979 4.002
248.6 0,966 4.212 299.4 0.969 4.204 251.2 0.979 3.999
298.6 0.966 4.207 349.6 C4969 4.202 300.1 0.979 3.994
349.4 0,966 4.207 40U3 0,969 4.200 350.2 0.979 3.991
400.7 0.967 4.205 451.2 0.969 4.200 401.0 0.919 3.989
449.5 0.967" 4.204 499.6 0,969 4.197 449.5 0.979 3.986
501.1 0.967 4. 204 600.8 0.969 4.190 501.3 0.979 3.984






































































































































Calculation of the equilibrium constants.
The shape of the formation curves is similar to that obtained in aqueous
solution except that no isohydric point is evident. The |>H of a buffer did not
vary with concentration for A4>50aM in aqueous solution but in the organic
solvent the jaH is constant only for A^20mM. Generally, there is also a
larger variation of jdH with A in the organic solvent than there was in water.
Thus the organic solvent appears to have inoreased the polymerisation of the
acid.
H
The value of ^5 , the acid association constant, has been calculated by11
the following methods. (1) The formation curve (nn, logh) for A = lOmM fits
exactly the normalised curve for a single complex, Kq. (2-7), and from Eq.
(2-8), log » 5*620 + 0,010. (2) Where the j>H of a buffer is constant
H
at low concentrations of A, ^as been calculated using Eq. (4-8). The
H
values of log 42" at A^20mM for 15 buffers are shown in Table 6-2C. The
11
f:average value of log = 5*618 + 0.013*ir 11
Values of logl? consistent with the above were found by various ourve-
"11
g
fitting procedures described below. The preferred value of log "w is that
r:11
obtained by method (2).
Clearly, species other than HA are present in this system and the first
hypothesis made ^as that the species present were the same as in aqueous
solution, namely HA, HA2, and 1^2* The formation curves for all values of A
appear to coalesce at % = 0.95 suggesting that there is an isohydric point
there. Therefore, from Eq. (4-13) R = 0.474. As a first approximation the
experimental data, plotted in the form logA(logh)- , were superimposed on the
Ti
families of curves logA*(logh*)- , calculated using Eq. (2-23), with R = 0.44
"H,R
and 0.50. In both cases the fit was extremely bad and it could be seen that
(176)
the experimental data could not be fitted to any family of normalised curves
with R between 0.44 and 0.50* The experimental data for n^ = 0.05, 0.10,
and 0.15 at A^ 300mM could be fitted with rather low precision to the family
of normalised curves with R = 0.50. In the position of best fit, when
(logA*, logh*) = (0,0), (logA,logH) ® (-0.28+0.04,-5.615+0.005).
Whence, from Eqs. (2-24) and (2-25)and (2~28)
H





The trend of the experimental data logA(logh)- for nft> 0.15 in the above
ri
fit suggests that higher species than dimers are formed. The formation of
such species restricts the use of curve-fitting techniques since these can
be applied only to three parameters.
The species which appears most likely to be formed after the dimers,
especially in the more alkaline solutions, is HUjAj. At low values of n^,
say 5h4°*30, it is unlikely that the neutral dimer H2A2 is formed in appreci¬
able amounts. Charged species will predominate in such solutions and there¬
fore it was assumed that HA, HA2, and H^A^ only were present at njj<.0.50.
Families of normalised curves logA*(logh*)J5jj ^ were calculated using Eq. (2-44)
and various values of R. When the experimental data, logA(logh)were
superimposed on them acceptable fits could be obtained with 7.5^R4'9.75«
The best fit was obtained with the family of curves with R = 8.5, Fig, 6-3
and in this position when (logA*, logh*) = (0,0), (logA,logh) = (-0.133 +
0.012,-5.613 + 0.005), whence from Eqs. (2-24» (2-25), and R- ,
l0g1^ll * 5*613 ~ 0*005
l0gfl2 = 5,75 - 0,05
log H = 12.43 + 0.05
Fig63ACETICCIDINSO\v/vDIOXAN OExperimentalDatlogA^logh)_ —Normalisedcurv sl gA*(logh*)-r=85calculatedusingEq.(2-44).H'
(177)
The best fit extends to njj « O.ifO but H2A2 is almost certainly formed
to an appreciable extent at this point. Therefore the constants may be
slightly in error.
The possibility of the formation of the chaffed species HA2 and HAj
in the most alkaline solutions must also be considered. The experimental
data logA(logh)jj^ were superimposed on families of normalised curves,
logA*(logh*)j^ calculated on the assumption that the species HA, and
HAj coexist. These curves were calculated using Bq. (2-52) for values of
R between 0.10 and 10.0 but it was not possible to obtain an acceptable fit
on ar\y of the families of curves.
Calculation of the average composition of the oligomers and of the free
ligand concentration.
The experimental data could not be explained completely by any of the
above simple hypotheses and they were therefore analysed by methods whioh
utilised all the data and not small portions of them. It is possible to
obtain the average composition of the polynuclear species from the formation
curves without any special assumptions about the complexes. The integration
method described in Sec. 2(c) has been used.
The integrations have been carried out from the formation curves at given
values of A. In order to evaluate A^, Kq. (2-109* "to® slope(S SlnA)^
was assumed to be the average of the quotients (Any/A InA) for two neigh¬
bouring intervals. The values of [(% " ^d)) ♦ (J^ )J A and of
(S"H_ V were plotted against logh. The integrals in Bq. (2-109) and (2-IIQ
^logA
were evaluated graphically, thus enabling and K to be calculated. The




The calculation of ppoly» ^poly* and a*
a m 400mm.
-logh j Is i log A
Al
A1(aM) p ^poly q ,poly 10gA £a i(fflM)
8,6 0.001 0.001 1.000 0.000 1400.0
8.0 0.002 0.004 0.0024 397.8 0.996 0 • 00^3 396.7
7.8 0.005 0.006 0.0039 396.4 0.994 0.0064 394.2
7.6 0.007 0.009 0.0064 394.1 0.991 0.0105 390.4
7.4 0.006 0.013 0.0105 390.4 0.986 0.0170 384.7
7.2 0.015 0.021 0.0164 385.2 0.978 0.0271 375.6
7,0 0.023 0.031 0.0250 377.6 0.967 1.03 2.46 0.0424 362.8
6.8 0.042 0.044 0.0391 365.6 0.950 0.0664 343.3
6.6 0.057 0.061 0.0594 348.8 0.927 0.1017 316.5
6.4 0.068 0.067 0.0855 328.5 0.898 0.15L0 282.6
6.2 0.081 0.083 0.1163 306.0 0.862 0.2165 243.0
6.0 0.091 0.075 0.1497 283.2 0.824 1.52 2.51 0.2997 200.6
>8 C.076 0.074 0.1810 263.5 0.793 0.4001 159.2
5.6 0.058 0.056 0.2081 247.7 0.766 1.73 2.60 0.5168 121.7
5.4 0.039 0.035 0.2270 237.0 0.746 0.6489 89.8
5.2 0.022 0.020 0.2386 230.8 0.733 0.7948 64.2
5.0 0.012 0.012 0.245L 227.4 0.725 2.29 2.76 0.9535 44.5
4.8 0.006 0.007 0.2488 225.4 0.721 1.1242 30.1
4.6 0.003 0.002 0.2505 224.6 0.719 1.3032 19.9
4.4 0.000 0.000 0.2510 224.3 0.718 2.63 2.78 1.4889 13.0
(179)
and. H were then calculated using Eqs. (2—III) and (2-||2f) respectively.
This procedure was carried out for values of A = 400 , 500, and 6Q0mM and an
example of the various steps in the calculation is given in Table 6-3A. The
values of PpQly and for A = 500 and 600mM are summarised in Table 6-3B.
Both Pp0ly an<l 9p0iy rise "to aaximuffl values near 4 and thus it appears that
species ^4 . where p arid q are integers ^ 4, are present in this system. The
values of p , and q are usually within +1 of each other with p , smaller
poly poly - poly
than ,5p0ly which suggests that q - p is either zero or one. Thus the poly-
nuclear speoies formed may be of the type HA2, 11^2, I^-j, H^Aj, HjA^ eto.
TABLE 6-3B
Acetic acid






7.0 1.12 2.93 1.40 3.01
6.0 1.68 2.81 1.68 2.83
5.6 2.00 2.94 2.06 3.00
5.2 2.60 3.31
5.0 2.72 3.28 2.89 3.45
4.8 2.89 3.31 3.10 3.55
4.6 3.05 3.33 3.31 3.60
4.4 3.13 3.32 3.42 3.62
236The value of a may be calculated by SiilsSn's method which requires
only the data H, A, and h.
The operational equation is
l0g
. * (r fn *(fsj)h] j A («)
(180)
for a system which is mononuclear at the lower limit of integration. The
integral is agfctn evaluated graphically and an example of the various steps in
the calculation is given in Table 6-3A. The lower limit of integration was
taken as jaH 9.0. Table 6-3C gives a for A = 100, 200, 300, k00, 500, and
60GmM at various logh. A value of a may also be obtained from the value of
calculated asing $q. (2-|Q$ thus
The values of a calculated using E'q. (6-6) for A = tOOmM at ^H's 6.8, 6.0,
and 5.0 are 3^3.0, 200.1, and M»-.l6 which agree well with the values cal¬
culated using the present integration (see Table 6-3B). Several methods of
calculating the equilibrium constants asing a now follow.
Curve-fitting methods
As a first approximation, it is postulated that the species HA, HAg,
fi
H2A2, H2A3, HjAj, Hyijp and coexist in this system. The value of ^
has been obtained already. The mass-balance equation for A, Eq. (2-|6 )# may
now be extended thus,




. (2^12 ♦ . (^v2 ♦ fuhV
(6-8)
Thus we have an equation of the type






a(bM) 100 200 300 400 500 600
-logh
8.6 100.0 200.0 300.0 400.0 500.0 599.1
8.0 99.9 199.2 298.4 396.7 496.0 591.7
7.8 99.6 19b.6 297.0 394.2 492.1 586.0
7.6 99.2 197.4 294.8 390.4 486.2 576.6
7.4 98.4 195.6 291.5 384.7 476.7 562.6
7.2 97.2 192.8 286.4 375.8 462.0 542.4
7.0 95.5 188.4 278.6 362.8 440.7 514.2
6.8 92.8 181.8 266.2 343.3 411.3 476.4
6.6 88.7 172.0 248.0 316.5 374.0 428.2
6.4 85.1 158.4 224.5 282.6 329.6 372.3
6.2 75.5 140.9 196.0 243.0 280.4 312.6
6.0 66.2 120.1 164.4 200.6 229.6 253.2
5.8 55.5 98.7 132.2 159.2 180.5 197.2
5.6 44.4 77.5 102.8 121.7 136.6 148.2
5.4 33.9 58.2 76.5 89.8 99.7 107.5
5.2 24.7 42.0 54.9 64.2 70.6 75.6
5.0 17.3 29.3 38.2 44.5 48.7 51.9
4.8 11.7 19.9 25.9 30.1 32.8 34.9
4. 6 7.78 13.2 17.1 19.9 21.7 23.0
4.4 5.07 8.63 11.2 13.0 14.2 15.0
(182)
where
kD = 2flH + 2ftH h (6-10a)
r12 r22
kx = + 3 jj^h2 (6-10b)
k2 » 4 ft1 h2 + 4'Ril h5 (6-10e)
*34 ' H
Using the values of a calculated by integration the term logl
(k - a -fflllha
ha2
was calculated for A = 100, 200, 300, 400, 500, and 600®M at various values
of logh and plotted against loga. The experimental data, logf(loga)^
were then superimposed on families of normalised curves logf*(loga*) 3.
S3
Setting the normalised variables as follows:
logf* » g1 + logf BS log(l + gyv + T2) (6-11)
loga* » g2 + loga 3 logv
where v is an auxiliary variable, and solving Kqs. (6-9), ind (6-11) for g^
g2, and g^, we find
g;L » -logkQ (6-12a)
g2 a iloglc2 - ^logk0 (6-12b)
a logk-j^ - £logk0 - g-logk2 (6-12e)
The experiaiental data fitted the normalised curves over a range of values of
gy Data in the region 4.4^£H^,5»2 could be fitted to curves with 0^g^^
2>Fig.6,4. Data at £H>5»2 could be fitted to curves with g^ ranging from
zero to at least 50. The latter data were therefore not considered further.
The values of kQ, k^, and kg evaluated for data at 4.4^£H^5*2 are summarised
in Table 6-4, The values of logkQ and logkg vary with h. The values of
logk^ are those evaluated with g^ = 2 i.e. they are maximum values which
also vary with h.
Fig64





Values of kQ, kq, and k2 in iSq. (6-9) evaluated using the normalised
curves, Eq. (6-11).
-logh logk0 logkq logk2
4.4 6.72+0.17 49.0 10.92+0.18
4.6 6.56+0.18 48.6 10.37+0.18
4.8 6.WT0.16 48.3 9.85+0.18
5.0 6.27+0.22 48.0 9.38+0.18
5.2 6.13+0.21 47.7 8.94+0.18
The terms kQ, kq, and k2 are each the sum of two constants which
may be evaluated by further curve-fitting.
We have
ko a 2fl2 + 2f\& (6-10a)
and rearranging Eqs. (6-10b) and (6-10c)
-" * fix (W3a)
3h ' '
h = 4*?, + £?,h (6-13b)
Wi
These equations are all of the type
f(a^) s kQ' + k^'a' (6-14)
which is a special case of Eq. (6-9) when k^ = 0. Using the
same normalised variables as before we have
logf = logg-, + logf a log(l+v) (
loga = l°gg2 + loga a logv
Solving Iqs. (6-14) and (6-15) for gq andg2 we find
g2 a -logk' (6-16a)
g2 a logkj - logkj (6-16b)
(184)
The data logkQ(logh), loSjfl(logh), and logk2(logh) may all be fitted to
3h
this normalised curve. As the data cover a small range of logh and the
normalised curve is rather shallow the data could be fitted between wide
limits. The constants obtained from these curve-fits are in Table 6-6.
In Sqs. (6-10a), (6-13a), and (6-13b), kQ, k^ and kg may also be plotted
3h 4h2
against h and the constants obtained as the intercepts and slopes of straight
lines. The values obtained by this method are also in Table 6-6.
The mass-balance equation, Eq. (2-16), may also be rearranged thus
A - » -P1'1"* - (*$2 - afe)'"1 - ( * 3f«h2> * fha^
(6-17)
Equation (6-17) is of the type
f(a ■L) a kQ + k-^a + k2a2 (6-18)
Plots of lov(A *" a "fill*1* ) against loga at constant values of h may
ha^
be curve-fitted to normalised curves logf*(loga );
3
In this case the normalised variables are
logf* = logfa-1 + gq = log(v""^" + gz + v)1 3
(6-1?)
loga* = loga + g2 * logv
Eqs. (6-12a), (6-12b), and (6-12c) are still valid. The normalised
curves are similar in shape to those in Pig. 6*4 .
The experimental data fitted these curves over a wide range of values
of gy Data in the region 4.4^£H45«2 could be fitted to curves with
Data at j)H>5*2 could be fitted to curves with gj ranging from
zero to at least 50 and were not therefore considered further. The terms
(185)
kQ, k-j_, and kg are each the sum of two constants. In principle, these
constants may be evaluated by further curve-fitting or by the use of straight-
line plots as above. However, it was found that the experimental data could
not be fitted to the calculated curves and the plots of kQ, i£l, and ^2
3h kh2
against h were not straight lines.
The mass-balance equation for H, Eq. (2-17), may be extended thus
«• * *piy * * * zfi3»v ♦ 3|S«3hV. ♦
a* 14 hV*"P JAh a (4-20)
whence,
H - h - n,,ha-1
ha2
— '% * 2Ch) * {2P * f»2>** * f^2
(6-21)
The value of l°gp^ iB again taken to be 5.618, and values of a vised were
those obtained from the integration method. Theplots of log( H - h jjlha)
ha* '
against loga were fitted to the set of normalised curves lbogf*^logax) ,
e3
Eq. (6—11).
The equilibrium constants were evaluated by the same methods as before
ile. the secondary curve-fitting and the straight-line plot. These constants
and their limits of error are given in Table 6-6.
Equation (6—7) may be rewritten
A = (^ha ♦ 2 fS^a2 ♦ 3jtfjjhV ♦ Ap^lh/) + h"Va + * *
>>V - 4j$3JhV) (4-22)
(186)
A = /[HA] ♦ 2 ft'22 [HA]2 ♦ [HA]3 * [agM t
V Cfuf<fr>3 <1&>4J
h_1/W - iBti.HA]2 . 3^3 [HA]3 + !0U [HA]^ (t
[fi fu)! fu)5 y ( 5)
■ [fan(f^i*i^* «-«)
= f0(HA) + h'^iCHA) (6-25)
where
f0 - £.4gsl(f$Ll)~4Mq («<)
° c-27)fl "
Equation (2-17) may be ixtended to include terms for SgAfe K^Aj,
H^A^, and H^A^, then combined with Eq. (1-6) and rearranged similarly to the
above. Thus
- £ip"qCp?i)",1[HA]« A h-^iq-i; |Sl3"liq(^1j-q[a.]q (S-28)
Combining Eqs. (6-24) and (6-28), and rearranging
Ah(l-Sn) a lp.q(^ll)"q[HAj<l (6-29)
which is constant when [HA] is constant. A plot of A against h""1 at
constant [HA] i.e. constant Ah(l-Hy) will give fQ as intercept and as
slope.
Values of Ah(l-n^) were calculated using the formation curves (njj,logh)^
at A = 100, 200.1.....i, 600bM. Curves [Ah(l-n^),h]/_ were plotted and values
of h interpolated at a number of values of Ahtlrrd^). Thus A could then be
plotted against h~~ at constant values of Ah(l-n^), and f0 and calculated
from the intercept and slope respectively of these lines. A summary of the
valuas of fc and ^ is given in Table 6-5.
(187)
From Eq. (6-29)
d[Ah(l-%)] , I'K"-i(^ll)"q[HA]q = fx(HA) (6-30)
Hence, integration of the graph of ^ against Ah(l-rijj) will lead to a
value of ln(Hi]. However, it is impossible to integrate from ah(l-n^) = 0
as the lowest experimental value of this term is 0,02 x 10 . The amount
of [HA] formed between Ah(l-Bg) » 0 and 0.02 x 10"^ may be calculated using
the mononuclear formation curve by taking various values of A between 0 and
20mU. For each of these values of A, the corresponding values of and
logh which make Ah(l-ng) * 0.02 x 10"*^ are read off the formation curve. The
value of [HA] is now easily calculated since AHg = [HA] when the acid is
mononuclear [Eq.(|-4)]. The average value of [Ha] for 12 values of A is
8.25 + 0.7mM. The values of [Hi] at higher values of Ah(l-n^) may now be
calculated and are shown in Table 6-5.
Neglecting the tetramers HjA^ and H^A^ we have
-JL '±_+ [ha] ♦ _iMuhaj2 (6-3i)
[ha] fn cp'lrf (fixiP
This curve is of the familiar form,
f(Hii) . kQ + k-^RA] + k2[HA]2 cf.Eq. (6-9)
Thus the plot of log f^ against log[HA] may be curve fitted to the family of
[HA]
curves logf*(loga*) , Eq. (6-11). The experimental data fit curves with
g3
0.8Q^gj^ 1.50, the best fit being obtained with » 1.00. The values of
ko» kl» *nd k2> , and respectively, may be calculated
fn (fnf (frp




Values of to, f ^, and [.HA] at selected values of Ah(l-T^),
v 6 6
Ah(l-nji)xlO fo q x 10 [HA] d
0.02 O.c.08 0.oa 8.25
0.03 0.012 0,031 12.2
0,04 0.016 0.041 16.2
0,05 0.020 0.052 20.7
0.06 0. 025 0.063 23.9
0.07 0.028 0.074 27.6
0.08 0.030 0.086 31.3
0.09 0.035 0.098 34.8
0.10 0.038 0.110 38.4
0.11 0,040 0.123 41.8
0.12 0.0i»5 0.135 45.2
0.14 0.052 0.36? 51.9




0.24 0.088 0.298 81.3
0.28 0.105 0.355 91.9
0,32 0.125 0.409 1041
0.36 0.145 0.465 111.9
0.40 0.160 0.539 121.3
0.44 0.175 0.603 130.2
0.48 0.188 0.6P0 138.5
0.52 0.202 0.744 146.5
o,56 0.220 0.817 154.2
0.60 0.233 0.901 161.6
0.64 0.245 0.983 168.5
0.68 0.252 1.0 89 175.1
0,72 0,274 1.156 180.5
0.76 0.299 1.194 186.7
(109)
Rearranging Eq. (6-2e) we obtain
— -x
iSS. =■ 2P?z * r^j ♦ [h»]2 (t-32)
[ha] /«h(fuf (fii)'
fHenoe a plot of log ° -1 against log[HA] may be fitted to the same set
IHAJ
LHAJ
of normalised curves, logf*(loga*)gy Eq. (6-11), used previously. However
Tthe data log o _i cover a very small range (about 0.5 unit) which is not
Iha]
[HA]
enough to enable a satisfactory fit to be made.
In attempting to explain the data we have been forced to introduce no
fewer than nine parameters. It may be possible to explain the data by
assuming that ratios of equilibrium constant are related one.ito another e.g.
2>H AH
"44 = P33 a r 22 - [ja • Pour such assumptions which reduce the number of
r» n p 1'11
parameters to a more manageable total, have been tested. The methods of
calculating families of normalised curves for these hypotheses have been
described in Sec.2 ( b ), p.45. The experimental data, n^ilogh^, were fitted
to the family of normalised curves for each hypothesis. In no case was an
acceptable fit obtained. The fit for Hypothesis C is shown in Fig. 6-5 . It
may be noted, however, that these hypotheses have been used to obtain the
equilibrium oonstants in the systems, iso-butyric acid, n-valeric acid, and
214
pivalic acid in 3.00M sodium perchlorate •

























































































































A summary of the equilibrium constants obtained by the various curve-
fitting methods is given in Table 6-6. It now remains to obtain the com¬
bination of constants whioh explain all the data best. The constants in Table
6-6 have been refined by successive approximations. At values of A, 200,
300, ..... 600mM, the right-hand side of Eq. (6-7) has been calculated at
0.2 £tt unit intervals between j)H A.4 and 7.0 using the values of a calculated
by the integration method. Various combinations of oonstants were used
in an attempt to obtain equality between the right- and left-hand sides of
Eq. (6-7) over the entire range of the experimental data. The set of con¬
stants which explain the data best is
log j?.,., = 5.618
log = 10.70 logj}H a 5.85
log ftH = 16.8 =12.20
r 33 i 23
log^ = 23.5 log-g11 = 18.1
I AA I 3b
whence
log K12 = 0.23 log = A. 60
!og K22 = A. 85 log = 5.40
log Kd « - 0.54




are Kqi and respectively. logftj a -0.05i logK^, = +1.03.
It can be seen in Table 6-7 that this set of constants explains the data
(192)
with high precision. For each value of A, the value of the right-hand side
of Sq. (6-7) was calculated for 14 values of jgH between 4.4 and 7*0, and the
averages of these values are given in the table.
TABLE 6-7
Acetic acid
Comparison of the values of A and of the right-hand side of Eq. (6-7),
calculated using the preferred set of constants.
A all H.H.S. Eq. (6-7 ) mM
200 201.7 + 1.3
300 303.3 + 2.7
400 399.9 + 4.3
500 484.4 + 3.3
600 561.4 + 8.1
The agreement between the corresponding values in Table 6-7 is excellent
except for A » 600mM where activity coefficients may be varying appreciably.
The difference between the two terms at A = 500mM is somewhat greater than
at lower concentrations but even so the difference is only in 4.
Attempts were made to explain the data by other combinations involving
fewer species e.g. the combination HA, HA2, H2A2, and H2A^, but none of these
was as successful as the above combination.
The values ofoC^ have been calculated in the usual way and are plotted
against j>H in Fig. 6*6. It oan be seen that hat> a slightly higher maxi¬
mum value in this solvent than in water. The principal species in the more
aoid solutions are HA and H^A^ with smaller, nearly equal, amounts of H^Ag
and HjAy
Although the dissociation of acetic acid in dioxan-water mixtures has
been studied previously^^ the formation of oligomers of the acid in this
Fiq6-6ACETICIDIN50*4yVDIOXAN '■t4 RelativeproportionsfthspeciesHpAqres ntins lutionaA=r500mM.
(193)
solvent has not been reported, before. Comparisons of the behaviour of
acetic acid in water and in the organic mixture must be somewhat tentative.
Not only are there differences in the constant ionic medium but there are also
differences in solvation. The value of log /p^ is higher in the 50^ ▼/v
Ji
aqueous dioxan mixture than in water and this is expected since log 'p^i £ener_
ally increases with'decreasing dielectric constant of the medium (Table 1-2 ),
The dimer is again a stronger acid than the monomer, and the trimer is slightly
stronger than the dimer. The tetraraer, however, is weaker than both diaer
and trimer. The value of K_ is almost ten times less than Kj, the constant
H
for the reaction
Ha + HgAg^ HyL (6-33)
which in turn is appreciably less than Kyy , the constant for the reaction
h
Ha + HjAJ ^ (6—34)
Thus it is far more difficult for two molecules of HA to associate to form
a dimer than it is for a molecule of HA to add to an associated complex (HA)n
231
to form (H^)n+i« This behaviour is exactly that predicted by Sarol8a-Mathot
from theoretioal considerations and it has already been noted in propionic and
n-butyric acids in water [Sec 4(c)] where, however, there are not such large
differences between KQ and K^, as there are in the present case. The structure
of the trimers and tetramers must be the extended form, and it is probable
that the dimer is predominately of the open form too. The difference in the
acidities of monomer and dimer is given by log ^22 which is -0.38 in
*11
aqueous solution, and is -0.77 in 50/j v/v aqueous dioxan. Thus there seems




The copper(ll) acetate system in the mixed organic solvent was studied
in the same way as in aqueous solution. After a preliminary acid-base
titration, from which EQ was obtained, metal perchlorate solutions were
titrated with acetate buffers. The value of B was kept constant at 0.025,
0.050, or 0.100M, and buffers of_gH 4.61, 4.91, and 5«32 were used. (These
figures are valid for buffer solutions with A^20mM). Titrations were
stopped when large increments of buffer produced only small ohanges in potential
or when precipitation occurred.
The experimental data are summarised in the form B(loga )fi in Table 6-8 .
Methods of computation, similar to those employed in the systems in aqueous
solution, were used to obtain values of a and n. When (A-nB)^20mM, Eqs.
(5-2) and (5-5) may still be used to calculate provided that no mixed
species are formed. When 20mM^A-nB<500mMf Eqs. (5-6) and (2-15) oust be
extended to include the additional oligomers of HqAq and which exist
in the mixed organic solvent. Equation (5-7) is unaltered but Sq. (5-b) now
becomes A-nB-H=a-h *^23^^ *^3^a^ (6—35)
For each experimental point, n and a are evaluated by successive approximations
using Sqs. (5-7) and (6-35) and the appropriate value of Hg(logh)A. It was
sometimes necessary to obtain the latter by a short graphical interpolation
from the experimental data.
The experimental data have been plotted in the form n(loga)B in Fig.6*7 .
She formation curves are a function of B showing that polynuclear species
BrAq may exist, where Q and R are integers (R^2). The curves are also a
function of h which indicates that mixed complexes Bj^HpA^ or hydroxo complexes
BR(°H)fl4q (where n» Q» and R are integers ^-1) may be present in the system.
The formation curve is unique for n^O.l and it is reasonable to assume that










































































































iixpsrimental data n(loga)g obtained from potentiomatrio titrations




































































































































































































































































































































































"n -loga n -lo ga
© O
-0.001 . 5.642 0.000 5.582
-0.001 5.276 0.001 5.254
0.001 5.04? 0.006 4.902
0.012 4.550 0.017 4.483
0.038 4.083 0.053 4.034
0.072 3.804 0.096 3.767
0.127 3.576 0,140 3.623
3.197 3.384 0.203 3.484
0,264 3.257 0.282 3.368

































the formation curve fits exactly the normalised curve for a single complex
Sq. (2-7), and from Eq. (2-8) the value of log*^ = 2.70 _+ 0.08.
species
If mixed, hydroxo, or copper hydrolysis/are present then Eqs. (1-4),
(2-|7), (5-2), and (5-9) are no longer valid, and the values of n and loga
in Table 6-8 must be regarded as first approximations to the correct values.
It may be possible to neglect the effect of the copper hydrolysis products
since at the £ii's at whioh these are likely to exist, there is also the maximum
complex formation with acetate. The concentration of free metal ion is, there¬
fore, likely to be rather low. In the titrations with the buffer of gH 4.91
the titration with B a 0.100M was stopped at jjH 3*6 (H = 0.9, Z = 0.004), that
with B = 0.050 at £H 4.2 (n * 1.45, Z = 0.016), and that with B = 0.025 at
4.6 (n = 1.6, Z^0.036). Thus even in the last titration only ^4,0 of the
free metal ion is hydrolysed and since n = 1,6, b will be rather small. How¬
ever, more information is required before one may decide what polynuclear,
mixed, and hydroxo complexes are formed. It would be useful to know b but
the difficulties in the use of copper and copper amalgam electrodes have
already been mentioned. It is possible that if titrations were made with very
acid buffers the formation curves might be independent of h and functions of B
only. The mononuclear and polynuclear species present could then be identified
provided, of course, that there were appreciable complex^ formation. The
metal ion would meet intense competition from protons for the curboxylate ions
in titrations with such acid buffers. A study of the equilibria in 25.0 v/v
dioxan-water mixture might be useful since fewer polynuclear species are likely
to be formed in this medium of higher dielectric constant. Certainly it does
not seem possible at present to elucidate the equilibria in the copper(II)
acetate system in 50;)o dioxan-water mixture without further information.
(197)
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The Hydrogen-bonding of Monocarboxylates in Aqueous Solution
By D. L. Martin and F. J. C. Rossotti
(Department of Chemistry, University of Edinburgh)
Dimeric formic, acetic, propionic, and n-butyric acid
have been reported to exist in aqueous solution1 but
previous attempts to study the equilibria have been
hampered by variations in activity coefficients. The
hydrogen-ion concentrations, h, of sodium carb-
oxylate-carboxylic acid buffers in 3M-sodium (per-
chlorate) have been measured potentiometrically at
25° ± 0 05°. Data obtained for a wide range of h and
of total carboxylate concentration, A, were analysed
by methods developed in studying isopolyacids.2-3












are also apparent at higher concentrations. Further
association (to H2A3~, H3A3, etc.) appears to occur
in the range 0-7m ^ A ^ 1-0m with propionate and
butyrate, but not in the formate and acetate systems.
Values of the stoicheiometric equilibrium constants
are tabulated. These equilibrium constants indicate,





in the solid.5 Although free rotation is possible about
the hydrogen bond in solution, the ions HA2~ are
expected to exist predominantly in the extended form
owing to electrostatic repulsion. The dimers may also
exist in the extended form, in the cyclic form which
occurs in the vapour, or as an equilibrium mixture
of both configurations. The trends Klx > *22 > *12
> Kd, which are also in the expected order for ion-
ion, ion-dipole, and dipole-dipole interactions, sug¬
gest that the dimers are predominantly in the ex¬
tended form. The absence of a marked "chelate
effect," as measured by
2HA"2 ^ H2A2 + 2A- x = *D/*I!
appears to support this hypothesis. However, the
increase of K22/Kn, KD/K12, and x with increasing
chain length is compatible with increasingstabilisation
of the cyclic form.
Crystalline formic6 and acetic acid7 exist as infinite
chains in the extended form, whereas /3-nitropro-





3-900 ± 0 005











5 01 ± 0-03




-0-50 ± 0 04
-0-26 ± 0-04
for example, that a maximal amount of~ 10% is in
the form HA2~ in all the 1 :lbuffers at A = 0-7m, and
that the amount of H2A2 in the acids increases from
~10% in formic acid to ~33% in butyric acid at
the same concentration.
The species are assumed to associate by hydrogen-
bonding rather than by micellar interaction of alkyl
tails. The hydrogen dibenzoate ion has previously
been identified in solution,4 and is shown to exist in
the extended form
dimers. Raman spectra10 are consistent with the
same structural differences in dioxan solution. The
formation of higher complexes H2A3, H3A3, etc., is
only possible via the extended form of H2A2. Many
physicochemical properties of concentrated aqueous
solutions of the lower fatty acids indicate extensive
oligomerisation.
We thank Professor L. G. Sillen for his interest
and the Department of Scientific and Industrial
Research for financial support.
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The Structure of Dimeric Acetic Acid in Aqueous Solution
By D. L. Martin and F. J. C. Rossotti
(Department of Chemistry, University of Edinburgh)
he existence of the hydrogen diacetate ion HA2~ in
queous solution was suggested in 1930 by Dawson
ad Spivey1 in order to explain an unexpected cross-
:rm [HA][A] in the expression for the rate of





(I) H—O O—H----0 (n)
iports have been given3 of potentiometric evidence
:>r this species and also for the neutral dimer H2A2,
jgether with formation constants valid in a 3m-
jdium (perchlorate) ionic medium at 25°. As the
In collaboration with Dr. Schlyter,4 we have now
confirmed our description of proton-acetate catena¬
tion by a method of enthalpy titration5 at 25°, using
the Stockholm adiabatic calorimeter. Enthalpies4 and
entropies of association have been calculated, and
thermodynamic functions for the relevant reactions
are listed in the annexed Table.
Comparison of these values suggests that reactions
(1) and (2) are strictly analogous and that the latter
is not a cyclisation. This conclusion is reinforced by
comparing the thermodynamic functions for re¬
actions (3) and (4). It is also noteworthy thatJ and
AS2 approximate to the value required by Pitzer's
Reaction
(1) H+ + A- ^ HA





















imer proved to be a stronger acid than themonomer,
was suggested that the dimer exists predominantly
i the open (I) rather than in the cyclic form (II).
rule6 for monobasic acids, in spite of the unconven¬
tional standard state.7
If the neutral dimer exists in the extended form (I)
1 Dawson and Spivey, /., 1930, 2180.
2 Cf. Rossotti, Nature, 1960, 188, 936.
3 Martin and Rossotti, Proe. Chem. Soc., 1959, 60; Chem. Soc. Special Publ. No. 13, 1959, p. 182.
4 Schlyter and Martin, Kgl. Tekn. Hogskolans Hatidl., in the press.
5 Schlyter, Kgl. Tekn. Hogskolans Handl., 1959, no. 132; 1960, no. 152; Schlyter and Sillen, Acta Chem. Scand.,
959, 13, 385.
6 Pitzer, J. Amer. Chem. Soc., 1937, 59, 2365.
7 Cf. Rossotti, in "Modern Co-ordination Chemistry," ed. Lewis and Wilkins, Interscience Publ. Inc., New York,
960.
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like the ion HA2", then the following approximate
relationship might be expected between the partial
molar entropies:
5°„2As - 5°HA « S°„A! - S°A (5)
whence
AS1 « AS2. (6)
If we calculate the conventional partial molar
entropies from Cobble's empirical equations for
neutral and ionic organic solutes,8 the approximate
eqns. (5) and (6) are exact and equal to 22 e.u. How¬
ever, reactions (1) and (2) will be accompanied by an
increase in the configurational entropy of the organic
solutes and a release of water from the hydration
spheres of the ionic reactants. The former effect will
be expected to be more marked for reaction (2),
whereas the latter effect should be less pronounced
for reaction (2) owing to hydrogen-bonding of water
to the centre of the dimer. Our experimental result,
ASX > AS2, appears to be significant and, indeed,
some analogous reactions suggest that the dehydra¬
tion factor is the more important of the two. The
entropies of protonation, 415!, of monomeric
acetate,9 butyrate,9 and methoxyacetate10 ions are
22 0, 24-5, and 19-6 e.u. respectively in the conver
tional standard state. The increase in ASX with ir
creasing chain length has been ascribed to the cor
figurational effect,11 and the lower value of 415, i
the methoxyacetate system to the dehydratio
effect.10
It is difficult to predict a value of 4l52 for tf
formation of a cyclic dimer (H) by reaction (2
owing to the impossibility of assessing differences i
hydration between molecules (I) and (H). Howeve
as 5°h.o is 16-7 e.u., and the entropy of cyclisatio
about — 14 e.u., 4l52 would probably be greater tha
4)5j. It therefore appears to be most likely th;
dimeric acetic acid exists predominantly in the ope
form (I) in aqueous solution.
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